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PREFACE 


In recent times* the workmq teacher has been getting 
many opportunities to attend inservice programmes* These 
programmes are meant to update his knowledge in the subject, 
give him exposure to new techniques of teaching and some 
laboratory experience. Interaction with other teachers and 
the resource persons is also expected to broaden his 
understanding. The Regional Colleges of Education have been 
taking a leudinq role m organizing such inservice programmes 
for the school teachers. It is in this context that we have 
often asked ourselves whether the programmes have had their 
full impact on the teachers. 

We now feel that it would be of help if the teachers 

have a clear picture of the scope and purpose of the 
programme well before they actually attend the programme. 
This would enable them to get involved for a longer period of 
time so that; when they arrive at the mserviee centre, they 

would be able to present their problems with a greater degree 

of specificity. The transaction in the programme can then 
get a sharper focus. It is with this intention that we 
decided to try out a part-correspondence mode. The 

participants are given nearly three months to go through the 
correspondence material. The ten-day contact programme which 
is scheduled at the end of these three months can be 
fruitfully used to*extend -the discussions, clarify specific 
doubts and to provide’^me -J.abp.ratpry experience. 

4 ,-. 

This first course hasJbe^n so'"lit?signed that it collects 
together, some of. the topics’ VfT'tliil NCERT curriculum Cor the 
*■.!. into a theme. ...Into rpret at properties and chemical 

reactivity in terms of, at' riii*f'ur>tMferof molecules is at once a 
challenging and a fast,* mating -a re a in olviruatry. The basic 
knowledge pertaining t o'StarjatiiHUre ..as well as reactivity is a 
part of t he *2 eurriculumvw. Wiat has been attempted here is 
to knit themitogether. We have skipped some aspects of the 
topics, which, we feel have been presented with adequate 
clarity in the textbook. On the o't'hej- hand, we have gone ,a 
little beyond the textbook in aorte places, so that the 
teacher would find this a useful reference material. In this 
sense, a long felt need of the teacher who has no access to a 
good library, is met, 
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A knowledge of the quantum mechanical model of the atom 
is an essential prerequisite for studying this material. "The 
energy levels in atoms, the nature and shapes of orbitals, 
the electronic configurations of atoms and the periodic 
classification of elements form the basis for the modern 
theory of bonding. A detailed discussion of the covalent 
bond starting from the octet theory to the quantum mechanical 
model is first presented. The properties of matter in the 
condensed states are interpreted n terms of the nature and 
strength of the forces among the particles in these states. 
Some of the characteristic features of the transition 
element, are correlated with their electronic configurations. 
A more detailed account of the structure arid fetercochoruiStry 
of transition elements is being prepared as a supplement to 
this volume. Structure is again our continuing concern in 
the treatment of organic compounds presented in this volume. 
The nnr.enclat.ure, geometrical shapes of the molecules-, as well 
as the reactivity of the compounds ars> ! thus dealt with under 
a unifying theme. A supplement dealing with the median 1 stus 
of organic reactions is also under preparation. 


As stated before, our concern has been to bring together 
t.h\ diverse topics included in the textbook under a common 
theme. There are certainly other aspects of chemical 
reactivity which have not been covered here. The equilibrium 
state, the dynamics of chemical reactions and the detailed 
description of chemical and metallurgical processes are 
areas, which we hope w*r will be writing about, as a follow up 
of this programme. 

The Chapters have been divided into convenient sections 
so that the teacher can select a few of them at a time for 
study. He can do so at his own pace and satisfy himself that 
he has mastered the content by answering the questions at 
the end of the sect, >ns. There arc* some end-of-chapter 
exercises as well to help the teacher to evaluate himself, 
Some of the questions can be adapted by*the teacher for his 
own classroom tests. We have tried to maintain an easily 
readable style and have also amply illustrated the texts. We 
would welcome any suggestion for improvement. These would be 
incorporated in subsequent editions. 

This material is the outcome of the combined effort of 
ail our colleagues in the Chemistry Section of the RCE, 
Mysore. The authors particularly, have invested a lot of 
* ime and effort to present the topics with an emphasis on 
larity. Prof.A.C.Banerjee has been a source of constant 
encouragement and support. Prof.C.Seshadri, the Principal of 
the College, has evinced keen interest in the work and 
strengthened our purpose by his words of appreciation. 
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Dr.S.N.Prasad, Reader in Physics has patiently guided ur m 
asing the computers and trouble shooting whenever we came up 

with a problem. 

We had the good fortune of Sri Rajararo Sharma, an ex¬ 
student of ours, working with us m the prepai at xc:i of the 
computer printouts. He typed the entire manuscript on the 
word processor, attended patiently to the revisions suggested 
and finally printed the material. He undertook the 
responsibility for the layout, a-, well as most of the 
drawings. Even when he had to work late into the night, he 
willingly accepted the burden. His knowledge of chemistry 
was also of help to us as he eouid independently attend to 
anv inadvertent mistakes. We thank him and all the others 
who have helped us in the preparation of this material. our 
thanks are also due to Mrs.S.Imavathi for the- occasional help 
with the typescript. 


V. lo.-savar 
A • S. .hum s' ian 

Eda t o r h 
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CHAPTER 1 


THK COVALENT BOND 


Introduction 


One of the principal questions that the Atomic Theory has to 
answer is regarding the combinations of atoms giving rise to 
molecules of elements and compounds. The development of an answer 
to this question has occurred in several phases. First was the 
determination of the formulae, of compounds, which was pursued 
actively in the nineteenth century. This established the concept 
of valence and presented our initial question in another 
perspective. Why do elements differ in their valencies? When the 
nuclear model of the atom was established and it was shown that 
the total number of electrons in a neutral atom was equal to its 
serial number in the Periodic Table, the belief began to emerge, 
largely due to Lewis, that the electrons helped bind the atoms 
together in molecules. The Octet Theory is in this sense the 
first attempt to assign this role to the electrons. The 
development of the concepts of directed valence and molecular 
geometries by Vnn't Hoff and Le Bel added another dimension to 
the question. How can we explain molecular shapes? If pairs of 
electrons bond atoms together and if there are several such bonds 
in a given molecule, the natur.il forces of repulsion among these 
pairs of electrons force the bonds to get oriented with respect 
to one another in such a manner that a lowest energy 
configuration of bonds is assumed by the molecule. It is this 
principle that forms the basis of the first attempt to explain 
molecular shapes, namely the Valence Shell Electron Pair 
Repulsion Theory [VSEPR for short ], 

With the advent of the quantum mechanical model of the atom, we 
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now have a sophisticated theory of chemical bonding. Even the 
Lewis theory implies that the forces of attraction between 
electrons and nuclei are the chemical bonding forces. The quantum 
mechanical approach is to describe the motions of the binding 
electrons under the simultaneous attracting influence of two or 
more nuclei. There are two approaches to arrive at this 
description. These are called the Valence Bond and Molecular 
Orbital approaches. 


1.1: The Closed Valence Shell - symbol of stability 


Noble gas atoms are monoatomic. They are normally unrcactive. 
Their valence shells have no more room for electrons. Therefore 
a closed valence shell confers stability on atons. This is an 
apparently simple connection. But this was an important first 
step taken by Lewis in 1916 to lay the foundations of an 
electronic theory of valency. The valence shell is usually the 
one corresponding to the highest principal quantum number intc 
which electrons enter in an atom, This can hold eight electrons 
in four pairs (except when n s l). Atons strive to attain this 
'octet' of electrons in their valence shells. If they do so by 
transferring one or more electrons from one atom to another,the 
ions formed are held by strong electrostatic forces. This is the 
ionic bond. The main interest about ionic compounds is the way 
the ions are arranged in the crystal lattices. This will be 
taken up in the next lesson, The ’octet* can also b»* attained by 
two atoms sharing a pair of electrons between then. This results 
in the covalent bond. The covalent bond is the subject of study 
in this lesson. 

t 

We now have a deeper understanding of how electron pairs bind 
atoms to one another. But the Lewis approach to represent the 
bonding is still in use. We shall deal with this briefly before 
going into the modern description of the covalent bond. The 
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Lewis symbols for atoms indicate the number of valence electrons 
available, each electron being represented by a dot. The normal 
valence of the atom is equal to the number of unpaired valence 
electrons. Covalent bonding is essentially a pairing up of these 
electrons in two combining atoms. Each covalent bond (often 
represented by a line ) is thus a result of two atoms sharing a 
pair of electrons between them. Bonding in molecules like H 2 O, 
NH 3 .CH 4 etc., can be easily understood on this basis. The Lewis 
formulation also allows for more than one bond between two atoms 
as in C 2 H 4 and C 2 H 2 in which two carbon atoms are linked by a 
double and triple bond respectively. Diagrams of molecules 
written in this manner are called Lewis diagrams or electron-dot 
diagrams. 


Q.l: Write the Lewis diagrams for PCI 3 , CCI 4 , CHCI 3 and C 2 B 2 cl 2 


1.2: A scheme for arriving at Lewis diagrams. 

It is not always possible to decide on a Lewis diagram by a mere 
inspection of the Lewis symbols for atoms. In particular, 
decisions about multiple bonds between atoms may be difficult to 
take. And then, there are certain polyatomic ions for which also 
Lewis diagrams can be written in principle. How do we tackle 
such cases? The following examples illustrate a scheme which 
generally works. 

Let us see how a scheme can be evolved for arriving at the Lewis 
Diagram for SO 2 • 

a) In the molecule, the sulphur atom is bonded to two oxygen 
atoms, Tentatively represent this linking by single bonds as 
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shown below. 



b) Indicate electrons in pairs around each atom so that there is 
an octet around each atom. Count the two electrons- of the bond as 
belonging to each of the bonded atoms. The structure will be as 
follows. 



c) The total number of electrons in the above structure is 20. 
But the number of valence electrons available is only 18 ( 6 from 
each atom) . 

d) The two extra electrons in the tentative structure can be 
removed by considering one of the bonds as a double bond. The 
modified structure would be 



E.l: Derive the Lewis diagram for NO 3 . 

This is an ion with -1 charge. One electron should be added to 
the total number of valence electrons and this sum should be 
distributed over the atoms such that each gets an octet of 
electrons in the structure. 
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(a) Total number of electrons = 5 (from the nitrogen atom) + 18 (6 
from each oxygen atons) +1 (for -1 charge) = 24. 

(b) Tentative structure with single bonds: 


so: 




/•*\ .4 

:ir ^o: 


(c) Number of electrons in the tentative structure = 26. The 
extra two electrons indicates that one of the oxygen atoms should 
be linked by a double bond to the nitrogen atom. 

(d) The modified structure is 



Q.2: Derive the Lewis diagrams for the following species: 

Clef, ClF, SO 4 2 ", O 3 and Cl03” 

Q.3: While using the above scheme you decided that if the 
tentative structure had two electrons more than available r it 
indicated the presence of a double bond. What if the tentative 
structure had four electrons more than available? Give an 
example of such a species and work out its Lewis diagram. 
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1.3: Formal Charge: 


When all the Valence electrons are acmunird f*.;■ n, ,, 
diagram, it is necessary to inspect * ach a? s r i" »•»-*' jf j» r , ust 
be given a formal charge. This is a n«-« ft. k* ,-j* CJUr 

charges straight. It is calculated by the t*> 1 !*■*.ire* f«. ii-. il,* 


formal charge on an atom 


= 1 number of valence electrons in t h»- :■,**•.** j,«j }^-f wre 

bonding ] - [number of nonbonding valt-iitr* #•!»••*. * , <?? n j 

- [ number of covalent bon< on the atnr ). 


It is used to indicate the calmbilrd fr.ir.*l ,. u 

Lewis diagrams that show format; charge *1 5 f #* s. - *■ 
between covalently bonded atom arc n* t pby-j..,:? v 

Thus calculation of the form! «'h-»i*i"S r».»y |,.n jj, 1} , 

whether an acceptable structure h ,s r! . .... , 


* L*- .« f » 
r l»Hh 2 
J • :'table* 
*1* ■* id mg 


E.2 Draw Lewie structures for .i| KM, *,i 

formal charges. 


t'ln~. 
¥ 


i mtmate 


a) NH 3 : 


h : n : m 
• * 

H 
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For each hydrogen, formal chary* , j 
For nitrogen, formal charge $ 

< see definition of formal ch-tvl 
In this molecule there i„ n0 ... , 


0 

I 


b 



b) CIO2 : 


9 9 


:0 - Cl O'. 


For chlorine, formal charge. = 7- 4- 2 = +1 
For oxygen, formal charge =6-6-1 = -1 
Therefore structure should he written as 


-1 +1 . ."1 

• • m m • * 

:0: Cl :0‘. 


The sum of all the formal charges in any species must be equal to 
the charge on the species. Note that for NH 3 , a neutral 
molecule, the sum of formal charges is zero. For ClCH the sum is 
-2 +1 or - 1 . 


Q.4 Indicate the formal charges in the case of the atoms in the 
species given in Q. 2 . 


Formal charges are not real charges on atoms in a molecule, since 
they assume equally shared electrons in covalent bonds. But they 
give a rough picture of the actual charge separation. 

1.4: Limitations of the octet rule: 

The known formulae of some compounds indicate that there can ■be 
more than four pairs of electrons around a central atom in their 
molecules. Examples of such exceptions to the octet rule are 
usually to be found among the nonmetals of the third period and 
beyond. PF 5 and SFg are two of the usually cited cases in this 

context. We now know that this happens becav^se d orbitals of a 
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cases. 


lower shell also compete for electrons in these 
expansion of the valence shell requires more than four 
bonds to keep all electrons paired. 


This 
covalent 


In some cases, less than four pairs of electrons surround the 
central atom in the molecule. Examples are BeCl 2 and BF 3 . If 
circumstances permit, these electron deficient compounds would 
accept an electron pair from a suitable donor. This is often 
illustrated by the reaction 



The bond between B and N in the product in the above reaction is 
called a coordinate bond. An arrow is sometimes written in such 
structures to indicate the species which has functioned as an 
electron pair donor and the one which has functioned as an 
acceptor. Lewis defined the acceptor as an acid and the donor as 
the base. The above reaction is therefore an acid (BF 3 ) - base 
(NH 3 ) reaction. 


Q.4: Write the Lewis diagrams for BeClJ" and BF 4 ~. Explain how 

these can be obtained, starting from the respective halides. 
Identify the Lewis acid and base in the reactions. 


The coordinate bond is also an electron pair bond like the 
covalent bond. The electron pair involved is shared by the two 
combining atoms. The only difference is that both the electrons 
of the shared pair are contributed by the same atom. 

In all the above examples, the total number of electrons to be 
distributed around the various atoms in the molecule was such 
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that they could all be paired. But, what if the 
available is an odd number? In NO and NOj, for 
numbers available are 11 and 17 respectively, We 
satisfactory Lewis structures for these molecules, 
would remain unpaired. This would suggest that 
should exhibit a residual tendency for reaction. 


total number 
example, the 
cannot write 
One electron 
the molecules 


Q.5: Write an electron-dot diagram for NO 2 . Explain why, at low 
temperatures, the oxide is present as the dimer N 2 O 4 . Write the 
diagram to indicate the banding in the dimer. 


The most serious limitation of the Lewis Theory is that, while 
satisfactory Lewis structures can be drawn in some cases, the 
structures are not in agreement with experimentaliy known facts 
about the molecules. Many of the structures you have written 
above face this problem. For example, an octet-rule structure 
with only single bonds can be written for the sulphate ion, SO 4 ". 

But the observed sulphur-oxygen bond length is 1.49A which is 
0.21A less than the standard sulphur-oxygen single bond length. 
In fact we will find that of the structures written till now 
need to be revised in the licht of experimental facts. We shall 
see how the more sophisticated theories of bonding we now have 
can reduce this disparity between experiment and theory. 

1.5: Electron pair geometries and molecular shapes: 

The Lewis diagram is a picture of the valence shell configuration 
of a central atom in a molecule. Some of the electron pairs in 
the shell are involved in bonding and some may remain as 
nonbonded or lone pairs. Forces of repulsion that operate among 
these electron pairs tend to increase the energy of the molecule. 
They must therefore assume specific orientations in space so as 
to minimise the forces of repulsion and hence the energy of the 
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molecule- This is the reason why molecules have specific shapes 
or geometries. The Valence Shell Electron Pair Repulsion model is 
a model based on this simple rationale. The model can be used to 
make rough predictions about the shapes of molecules 

The orientation assumed by the electron pairs around an atom 

depend upon the number of such pairs. If there are only two pairs 

they will be farthest apart if they are at an angle of 180° to 

each other. If there are three such groups the best way to keep 

0 

them apart is to place them at 120 to one another, in a plane. 
If there are more than three pairs , various three dimensional 
orientations have to be assumed. These generalizations are 
presented in Table 1. If each of the electron pairs is involved 
in bonding, the electron pair geometry given in Table 1 
corresponds to the geometry of the molecule also. If one or more 
of then remain as lone pairs, the molecular geometry will be 
different from the electron pair geometry. But it can be inferred 
from the latter as we shall see. 

The first step in using the VSEPR procedure for predicting 
molecular shapes is to identify the central atom in the molecule. 
Then the number of electrons in the valence shell of the central 
atom is counted. This will be the sum of the area's own valence 
electrons and the number contributed by each atom that is bonded 
to it. In the case of polyatomic ions an appropriate number of 
electrons should be added or subtracted from this sum to allow 
for charge adjustment. For negative ions the required number 
should be added and for positive ions, the required number should 
be subtracted. We arrive at the following relationship. 

Number of electrons in the valence shell = VE + BE + CA, where, 

VE is the number of valence electrons of the atom, 

BE is the number contributed by each bonded atom, 

CA is the number required for charge adjustment. 

The total number arrived at as above must now be converted to 
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Table 1 : Geometry for Different Numbers 
of Electron pairs About the 
Central Atom in a Molecule 


Number of 

Electron Examples 
Pairs 


Shape 


Bond 

Angle 


Drawing 




pairs of electrons. Thi.9 will be just half the number calculated 
above. The electron geometry is then read off from Table 1. if 
there are no lone pairs this will also be the geonetry of the 
molecule. We will now apply the model to some examples of this 
simple case. 


E.3 Use the VSEPR model to predict the geometries of the 
following molecules. 

a) BeCl 2 b) BF 3 c) CC1 4 d)PCl 5 e)SF 6 f)PCl 4 + . 

a) BeCl 2 ' The central atom is Be. It has two valence electrons 
and forms two covalent bonds with the chlorine atoms. There are 
no lone pairs on Be. 

Number of electrons in the valence shell of Be in Bei?-^ 

= 2(VE) + 2(BE) +■ 0 [as there is no charge] = 4 = 2pairs 

The electron pair geometry is linear and so is the molecular 

geometry as there are no lone pairs. The two Be-Cl bonds are at 
180° to each other. 

b) BF 3 : Number of electrons in the valence shell of B in BF 3 = 

3+3+0=6=3 pairs. 

The electron pair geometry as well as the molecular geometry 

should be trigonal planar. The three B-F bonds make an angle of 

120 ° to one another. 

c) CCI 4 : On the same lines as above, the central carbon atom is 
surrounded by four pairs of electrons in its valence shell. The 
electron pair geometry should be tetrahedral. 

1 

d) and e) can be solved as above. PCI 5 has a trigonal 
t'ipy ram idal shape while SFg is octahedral. 

f) Number of electrons in the valence shell of P in PCl 4 + = 5(VE) 
+ 4(BE) - 1(CA) = 8 = 4pairs. The i.on is therefore predicted to 
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have a tetrahedral shape. 


1.6: The effect of lone pairs on the shapes of molecules! 

In all the above cases, the molecular geometries were predicted 
to be the same as the electron pair geometries^, which in turn, 
were read off from Table 1. But if one or more pairs of electrons 
on the central atom remain unused for bonding, the two geometries 
will not be the same. The orientations of the electron pairs 
around the central atom still follow the rules enunciated in 
Table 1. But the lone pairs on the atom, which are subjected to 
attraction by only one nucleus, require more space. They 
therefore tend to squeeze the bonded pairs closer to one another 
and hence alter the shape of the molecule. Another way of stating 
this effect is that, the repulsions between lone pairs and bonded 
pairs are stronger than those between two bonded pairs. Two lone 
pairs interact even more strongly with each other. These effects 
have to be taken into account while predicting molecular shapes 
from the VSEPR model . Let us now consider some examples of such 
cases. 


E.4 Predict the shapes of the following molecules on the basis of 
the VSEPR model. 

a) NH 3 b) H 2 O c) BrF 3 d)XeF 4 . 


a) NH 3 :VE+BE+CA=5+3+0=8=4 pairs. 

The four pairs in the valence shell must be oriented towards the 
corners of a tetrahedron as per Table 1. This is the electron 
pair geometry. Of the four pairs, one pair remains as a lone pair 
on the central nitrogen atom. This lone pair repels the three 
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bonded pairs more strongly than the bonded pairs repel one 
another. The bonded pairs are therefore brought closer to one 
another than the tetrahedral angle. The molecule will therefore 
have a pyramidal shape with the nitrogen occupying the apex of 
the pyramid as shown below. 



The lone pair residing on the nitrogen atom makes a larger angle 
than the tetrahedral angle with each of the bonded pairs. The lv—H 
bonds make a smaller angle than the tetrahedral angle with onc- 
another. The experimentally found angle is 107.5? 

b) H 2 0 : Here too there are four pairs of electrons in the 
valence shell of the oxygen atom . But there are two lone pairs. 
The angles between the two O-H bonds is even less than the angles 
between the N-H bonds in NH 3 . The experimentally found angle is 
104.5? The molecule is described as an angular molecule. It is 
pictured as below. 



c) BrF 3 : VE +BE+CA=7+3+Q=5 pairs. The predicted 
electron pair geometry is trigonal bipyramidal as in PCI 5 . There 
are two lone pairs. Where in this structure do we place the three 
fluorine atoms and where, the two lone pairs of electrons ? The 
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five positions available in the trigonal bipyramid are not 
equivalent. Three of them are in the equatorial plane and two 
are perpendicular to this plane and pointing in two opposite 
directions - one above and one below the plane. Tnese are 
respectively called the equatorial and axial positions. There are 
three possible ways of arranging the five electron pairs. 

i) Two lone pairs at the axial positions and fluorine atoms 
at the equatorial positions. 



ii) One lone pair in the axial position, one in an equatorial 
position; two fluorine atoms in the equatorial positions 
and the other at an axial position. 



F 


iii) Two lone pairs at the equatorial positions; one fluorine 
atom in the equatorial position and two fluorine atoms in 
the axial positions. 


F 



F 
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How do we decide among these alternatives ? The one principle on 
which our decision is to be based is that the repulsive forces 
among the electron groups should be as small as possible. We must 
also bear in mind that the strengths of these forces decrease in 
the order. 


lone pair - lone pair > lone pair - bonded pair > bonded pair 
bonded pair. Let us look at each of the three alternative 
structures to find out the structure which corresponds to the 
least possible repulsion and hence the stablest arrangement. 


In i), the two lone pairs are farthest apart making an angle of 

e u 

100 to each other. But each of them makes an angle of 90 to the 
three bonded pairs. 

I 

In ii), the lone pair at the axial position makes an angle of 
0 

90 to one lone pair and two bonded pairs which are in tne 

equatorial plane. 

In iii), the lone pairs are at 120° to each other and to one 
bonded pair. They make an angle of 90° with two bonded pairs 
which are at the axial positions,. 

It is clear that structure (iii) wins out as it corresponds to an 
arrangement in which the interactions mentioned above are kept to 
a minimum. In general, whenever we have a trigonal bipvramida1 
arrangement of electron pairs, it is best to keep the lone pairs 
at the equatorial positions. The molecule BrFj has a peculiar 
T-shape, as shown below. 

F 



F 


15 



The angles between two Br-F bonds should be 90° . It turns out 
that the observed angles are a little less than 90°. This is 
understandable because the lone pairs at the two equatorial 
positions need more space and squeeze the Br-F bonds closer to 
one another. 

d) XeF 4 : VE + BE + CA =8 + 4 + 0 = 6 pairs : 4 bonded pairs and 
two lone pairs. The predicted electron pair geometry is 

optahedral. Here all angles to the central Xe atom are equal to 
90°. Therefore the six positions available around the Xe atom 
are equivalent. The lone pairs are farthest apart when they are 
at the two axial positions. The molecule therefore has a square 
planar shape as shown below. 



Q 6 . Predict the shapes of the following molecules on the basis 
of the VSEPR model, a) HBF 2 b) HOC] c) NH 4 d> PClg - e) SeCl 4 
f) ICI 2 (central atom, I ). 


1.7: Extension of the model to molecules containing 
multiple bonds: 

We have seen that ( a multiple bond is a consequence of more than 
one electron pair being shared by two atoms. As far as the VSEPR 
model is concerned, these electrons which are confined to the 
space between two atoms, function as a single group in exerting 
forces on other pairs of electrons in the valence shell of the 
central atom in the molecule. In this sense, a double bond or a 
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triple bond should be considered as a single repulsion axis like 
each of the,other pairs. The prediction of geometry follows as 
per the rules enunciated in Table 1. In C0 2 , for instance the 
central carbon atom is linked to t.h' oxygen atoms by double 
bonds. Each of the double bonds is a repulsion axis and we can 
regard the problem as one requiring arrangement of two groups of 
electrons around the central carbon atom. The molecule would be 
predicted to be linear as per Table 1. This is in agreement 
with experiment. In POCI 3 , the central Phosphorous atom is linked 
by a double bond to the oxygen atom and throe single bonds to the 
chlorine atoms. These four groups of electrons should assume a 
tetrahedral orientation and the molecule would be tetrahedral as 
there is no lone pair. One difference should be lu^ed, though. 
The electron density in the double bond is higher than that in 
the single bonds and hence the forces of repulsion between the 
double bond and the single bonds would be stronger than tne 
forces among the single bonds. The O-P-Cl bond an,, 1 e would 
therefore be larger than the Cl-P-Cl bond angle. The tetrahedron 

is thus somewhat distorted. The structure of POCI 3 is as given 
below. 



The following question gives you further practice m using the 
VSEPR model. 


Q7. In what ways would the following species differ from each 
other in their shapes ? 
a) S0 2 , SO 3 , S0 3 “ 2 and S0 4 -2 . 
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b) N 02 + , NC >2 and N0 3 “. 


You may wonder why we did not include NO 2 in the set in Q.7(b). 
This species has an interesting feature. As we have learnt, this 
molecule has an odd electron on the nitrogen atom. In order to 
apply the VSEPR model, we should regard this single electron as a 
separate repulsion axis. The molecule would therefore have three 
groups of electrons to be arranged around the nitrogen atom. One 
of these is the single electron. It is obvious that the repulsion 
between this single electron and each of the two groups of bonded 
electrons is less than that between the bonded electrons. The 
electron geometry is trigonal planar. But due to the weak 
repulsion exerted by the odd electron on the bonded pairs, the 
bond angle O-N-O will be more than 120° as shown below. 





Finally, let us see how the model can be applied to organic 
molecules containing a chain of carbon atoms. Each carbon atom 
becomes a centre and a prediction of the geometry around each 
such centre can be done exactly as above. These geometries may be: 
different for different positions in the molecule. 


E.5 : Discuss the application of the VSEPR model to the following 
molecules. 

a) H 3 C.CH 3 and b)CH 3 COOH. 

a) H 3 C.CH 3 ; Each carbon atom is surrounded by four pairs of 
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electrons. The geometry around each of then is therefore 
tetrahedral. The two tetrahedra have to assure certain 
orientations with respect to each other ’n order to keep the 
energy to a minimum, If there are many such carbon centres there 
will he numerous tetrahedra which are oriented with respect to 
one another on the basis of this principle. This interesting 
aspect of organic molecules will be taken up for further 
discussion in Lesson 5. 


H 



b) CH 3 COOH ; The methyl carbon has four pairs of electrons 
involved in four covalent bonds and this part of the molecule 
assumes a tetrahedral shape. In the case of the carbonyl croup 
too there are four pairs of electrons. But two of them are 
involved in the double bond C=Q. Therefore there are only 3 
groups of electrons around the carbon atom in the carbonyl group. 
These should assume a trigonal planar geometry. A hus .. ne part of 
the acetic acid molecule is tetrahedral while the other is 
trigonal planar. Many auch interesting variations appear among 
organic molecules. 
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1.7: The quantum mechanical explanation of the covalent bond: 

It is clear from the above treatment of the covalent bond that 
the electrons of the bonded atoms experience the force of 
attraction by the nuclei of both atoms in the case of a diatomic 
molecule. It is this increase in force of attraction that enables 
them to move in a region of lower energy tb^n in the separated 
atoms, II such a simultaneous increase in force of attraction 
has to occur, the electrons have to spend most of their time in 
the region between the nuclei. Placing the electrons between the 
nuclei results in bringing the nuclei closer to one another, to 
distances that are equal to what is called the equilibrium bond 
distance or more commonly, bond length. The distance between the 
nuclei cannot be decreased indefnitely because, at some stage, 
the force of repulsion between the nuclei becomes strong enough 
to push them apart. The nuclei therefore remain apart but 
simultaneously attract the electrons and keep them between then 
most of the time. The electrons remaining between the nuclei have 
the added effect of diluting the charge of one nucleus 
experienced by the other. A stable bond is thus formed. 

The implication of the above description of what happens when a 
bond is formed between two ate ns is that the distribution of the 
electrons in a bonded situation is different from what it was in 
the unbonded atoms. We have learnt how quantum mechanics can 
describe the distribution of electrons around an atom. The 
quantum mechanical solution to the problem in the case of the 
atom was, finding appropriate solutions t\> the wave equation. 
These solutions were called wave functions and each wave function 
corresponded to an orbital. 

We have now to extend these ideas to describe the distribution 
when a bond is established between two atoms, The problem 
therefore is to find wave functions for the electrons in a bond. 
There are two approaches to find out these wave functions. They 
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are called the Valence Bond (VB) Theory and the 
Orbital (MO) Theory. 


Molecular 


1,9: The Valence Bond Theory: 

The VB theory can be considered to flow directly form the Lewis 
concept of the shared electron pair as the covalent bond. The 
wave function suggested by it are electron pair wave functions 
right from the outset. Thus, it considers the two-electron bond 
in H -2 as the primitive structure. The essential feature of the VB 
description of H 2 is the selection of two electrons in atomic 
orbitals, ls A and lsg and the formation of a two-electron wave 
function, 

= ls A (l)ls B (2> * ls A (2)ls B (i) ... (I) 

Electrons (1) and (2) originally associated with atoms A and B 
respectively as in the first term of the above formulation, are 
allowed to be interchanged between the atoms. This structure 
results in the second term of equation (I). This method is 
called pairing the electrons and is a quantitative expression of 
the idea presented by Lewis intuitively. In order that this 
pairing results in bonding, the two electrons involved should 
have opposite spins so that the resultant spin is zero. This is a 
result that, can be proved by quantum mechanical calculations. If 
the atoms contain more than one unpaired electron, these can be 
paired with corresponding electrons on another atom. One can 
explain multiple bonding in this manner. 

A pictorial way of representing pairing is to regard the approach 
of the two combing atoms to bonding distances as the approach of 
the respective valence orbitals to these distances. When they are 
close to one another, they can overlap if they contain unpaired 
electrons (Fig.l). This orbital overlap incidentally,places two ele 
in the internuclear region, resulting in bonding, it is 
reasonable to expect that the better the overlap, the stronger 
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will be the bond. How do the nature of the orbitals affect this ? 
This will be discussed in the next section. 



Fig.l: Overlap of s-s orbitals. 

The valence bond method also allows for other possible structures 
for which wave functions can be written. These can be added to 
the terms in equation (I) and the wave function improve^. One 
such "correction' term added to equation (I) refers to the 
structure in which both electrons 1 and 2 occupy the same 
orbital. A(l) A(2), for instance, represents the ionic 
contribution Hq. The wave function represented by equation 
(I) treats the bond as entirely covalent. By including ionic 
•contributions the function can be improved to read 

• Wcov ••■(II) 

The second terra in expression (II) carries a coefficient A which 
is a measure of the relative contribution made by the ionic 
structure to the overall structure of the molecule. This 
contribution is called the ionic character of the bond and is 

Ha- 

proportional to A . Equation (I) and (II) should be multiplied by 
a constant called normalization constant. This is omitted in this 
qualitative account. 

The inclusion of the ionic term brings out two important aspects 
of the VB theory. Firstly, it allows for the covalent bond to 
possess an ionic character. This may be insignificant as in the 
case of homonuclear diatomic molecules like H 2 - Or, this may be 
high as in the case of molecules like HF. Bonds which have 
significant ionic character are those in which the electrons are 
not shared equally by the combining atoms. One has a greater 
ability to pull the bonding electrons towards itself and is 
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considered to be the more electronegative atom in the 
combination. In HF, fluorine is the more electronegative partner. 
While considering the ionic structures which can contribute to 
the overall structure of the molecul •. one would therefore assign 
little weightage to the atructuie, H F .A large weightage ia 
given to the structure H + f". Thus chemical intution plays an 
important role in improving the overal. wave function for a 
molecule by correction terms corresponding to possible 
structures. An interesting extension of the idea that the ionic 
contribution becomes more and more important as one of the 
bonded atoms becomes more and more electronegative compared to 
the other, is that in the extreme case the bond may become 
entirely ionic. Ionic bonding can thus be regarded as an extreme 
case of covalency. 

What is the actual .structure of the molecule ? Ia it the purely 
covalent or the purely ionic ? If other structures are written as 
possible contributors on the basis of which the overall wave 
function for the molecule is calculated, which of these is the 
structure of the actual molecu’e ? An important contention of the 
VB theory is that none of these really represents the actual 
structure of the molecule. In fact, according to the theory, the 
actual structure is a hybrid of all these possible structures. 
This phenomenon is called resonance and the molecule in supposed 
to be a resonance hybrid of the various structures. The resonance 
hybrid has a lower energy than any of the contributing structures 
and hence is more stable than any of them. 

The Molecular Orbital Theory, which we are going to discus., i:\ a 
later section, is at present ihe most widely used description of 
molecular structure. But the VB theory preceded it and some of 
the language and ideas currently used in descriptions of 
molecular structure were first introduced through VB theory. We 
will consider them first before going into a discussion of the MO 
theory. 
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1.10: Types of orbital overlap: 

The overlap of valence orbitals is a way of accounting for how 
the electrons belonging to the separate atoms experience a 
simultaneous force of attraction by two nuclei. It is this 
simultaneous force of attraction that reduces the energy of the 
system and adds meaning to the statement that a pair of electrons 
is shared by two atoms. Whether a bond will be formed or not 
will depend upon whether the two approaching orbitals can overlap 
or not. The primary condition for overlap is deduced from the 
Pauli Exclusion Principle. If two electrons should be accomodated 
in the same region of space (where their energies will be the 
same), they must have opposite !spins. The two approaching 
orbitals should each have one electron and these should have 
opposing spins. Therefore we view the covalent bond as a result 
of the overlap of two half-filled valence orbitals. 

How many bonds can an atom form ? We have to just count the 
number of half-filled valence orbitals, to answer this question. 
This, number can be called the bonding capacity or the valence of 
the atom. From a knowledge of the electron configurations of 
atoms, one can work out the bonding capacity and hence the 
molecular formulae of covalent molecules. 


Q.9 In the case of the following molecules, identify the orbitals 
from each atom, which are involved in overlap. Deduce the 
formulae of the molecules. 

Fluorine, hydrogen chloride, ammonia, water. 
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We have not, up to this point, taken into account the nature of 
the overlapping orbitals. This could have an important bearing on 
bond formation. You might have realised this while answering the 
above question in the case of annonia and water. In both cases, 
the Is orbitals of the hydrogen atom are involved. Since these 
are spherically symmetrical about the hydrogen nucleus, the 
direction of approach is of no consequence, But the nitrogen and 
oxygen atoms use half-filled p—orbitals. The p-orbitals on a 
given atom are mutually perpendicular to one another. Therefore 
the bond formed by one s-p overlap would be perpendicular to the 
bond formed by using the other p-orbitals. An explanation *or the 
shapes of the molecules may lie here. 




Fig.2. s-p overlaps in (a) NH 3 and (b) H 2 O 

% 

If two p-orbitals have to overlap with each other, tr-e direction 
of approach becomes significant. The p x orbital of one atom 

cannot obviously overlap with the py or p z orbital of another 
atom. Consider the case of the N 2 molecule. There ire three half 
filled p-orbitals on each nitrogen atom. Two p z orbitals can be 
imagined to approach along the internuelear axis. They overlap 
and form a bond. The py and p x orbitals are also half filled. But 
as they are at right angles to the p 2 orbitals, they are 
perpendicular to the internuclear axis as well as to each other. 
The p x orbitals on the two atoms are parallel to each other. 
Likewise the Py orbitals on the two atoms are parallel to each 

other. When the p 2 -p z overlap occurs, the p x orbitals are 

sufficiently close to each other and can overlap, but only 

sideways (or laterally). Similarly, the two p.y orbitals can 
overlap laterally. These overlaps are shown in Fig.3. 
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Fig.3. p-p overlaps 


The triple bond in N 2 is therefore a result of two different 
types of orbital overlaps. One of these is the overlap of two p z 
orbitals along the internuclear axis. This is called a bond. 
This bond places the two bonding electrons between the two nuclei 
in a cylindrically uniform cloud!. The other overlaps are the 
lateral overlaps of two sets of parallel p orbitals. The bonds 
resulting from such a lateral overlap is called a 7T bond. The 
electron density in a 7 T bond is not distributed cylindrically 
about the internuclear axiB, since the bonds involve orbitals 
which point away from the bond axis. In the case of the p x 
orbitals, there will be a node ( region of zero electron density) 
in the yz-plane; in the case of the py orbitals there will be a 
node in the xz-plane, Therefore these bonds result-in nodes in 
the yz and xz planes and regions of high electron densities above 
and below these planes. 


Q.10 Describe the bonding in the following molecules in terms of 
orbital overlaps; PCI 3 , 0 2 , KQC1 and HOC1. 


What will be the relative strengths of these bonds ? One 
important governing principle needed to answer this question is 
the principle of maximum overlap. In simple words, this implies 
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that the better the overlap, tt. Wronger will Lie the bond. The 
nature of the orbitals as well as their orientations with respect 
to one another determine the effectiveness of the overlap. A 9 
stated earlier, the s orbital being spherically symmetrical, can 
form a bond in one direction as well as in any other, whereas the 
three p orbitals, being directed along the three coordinate axes, 
will tend to form bonds in these directions. Moreover, the p 
orbitals are concentrated in these directions so far as the 
angular dependence of electron distribution is concerned. Hence 
the p orbitals of a given shell can overlap the orbital of 
another atom more effectively than can the s orbital of the same 
shell. The s-p bond would be stronger than the s-s bond and the 
p-p bond would be even more strong. Further, when two orbitals 
are along the internuclear axis, the overlap would be more 
effective than when they are parallel to each other. The S' bond 
is therefore stronger than the f\ bond between two atoms. 

1.11: Hybridization: 

The orbitals used for bonding in the above cases could easily be' 

identified by inspection of the electron configurations of the 

respective atoms. But this is not always so straightforward. The 

2 2 11 

electron configuration of carbon - Is 2 s 2 p x 2 py shows only two 
half filled orbitals, viz., the two p orbitals. But in most of 
its compounds, carbon forms four bonds. This would require four 
half filled orbitals. The structure ls^2s^2p x ''‘2py‘ 1 '2p z ^ would 
explain the bonding capacity of four. Each of the four half 
filled orbitals can, for instance, overlap with the Is orbital of 
hydrogen atom. This would explain the formula CH 4 for methane. 
Why would carbon assume a configuration which is obviously higher 
in energy than the ground state configuration ? Tii<_ argument is^ 
"that the energy required to pr'->«nr>r» 3 electron to a ■ '’p .rbital 
is small and is more than compensated for when a tond 
subsequently formed. But the four atomic orbitals which could be 
used for bonding are not equivalent. One of them is a s orbital 
.^nd th" other three are p orbitals. The four bonds in CH 4 are 
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however exactly equivalent to one another in length and energy, 
The problem of explaining CH 4 is therefore that of finding 
orbitals which lead to four equivalent bonds. 

Pauling, in 1931, suggested a method of finding such orbitals. He 
named this method hybridization. The method assumes that the 2s, 
2 p x , 2 py and 2 p z orbitals of carbon can be combined by adding and 

•a 

subtracting their wavefunctions. We would then get four sp 

hybrid orbitals that point towards the corners of a regular 

tetrahedron. These properties of the hybrid orbitals are results 

of quantum mechanical calculations. Fig^. shows a diagram of the 
3 

sp hybrid orbitals to explain the structure of CH 4 . Each of 
these can overlap with a Is orbital of a hydrogen atom to form 
four cT bonds. As the hybrid orbitals point in the direction of 
the corners of a regular tetrahedron, the four bonds in CH 4 are 
also directed towards the corners of a tetrahedron. Thus the 
concept of hybridization is also able to explain the shape of the 
methane molecule. 



The idea can be extended to.other situations. Boron, for example, 

2 2 1 

has the ground state structure, Is 2s 2p . This .suggests a 

bonding capacity of one. But the usual valency of boron is 3. 

2 1 1 1 

This would require the structure Is 2s 2p x 2py. To explain that 
the three bonds in BF 3 are equivalent in all respects, suitable 

j 

combinations of the valence orbital wave functions are done to 
give three sp hybrid orbitals. Calculations indicate that these 
are directed towards the corners of an equilateral triangle, the 
molecule BF 3 is therefore trigonal planar. Fig.5 . gives a 

. 2 

representation of BF 3 using sp hybrid orbitals on boron. 
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The electron configuration of Be is ls”2s , There are no unpaired 

electrons in this structure. Beryllium is expected to behave like 

■> 

Helium whose structure is Is”* But, with a little input of 
energy, the situation can be altered. One of the 2s electrons is 
promoted tg the 2p orbital which is slightly higher in energy, 

'ill 

This results in the structure ls”2s 2p . The 2s and 2p wave 
functions can be suitably combined to give two sp hybrid 
orbi ! :1s. Centred on the Be atom, these will be pointing in 
opposite directions and by overlap with, say, a Is orbital of a 
hydrogen atom each can form «=. 3e-H bond. The two bonds are 
collinear i.e., they make an angle of 180° to each other . The 
molecule BeH 2 is linear. The formation of BeH 2 is shown in Fig.6. 



Fig.6. sp hybrid orbitals 

The correspondence between the geometries predicted by VSEPR and 
by the concept of hybridization of orbitals should now be 
clear. Hybridization describes the orbitals used that result in 
the bond angles predicted by VSEPR. Interestingly, hybrid 
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orbitals can be invoked to explain geometries of molecules like 

H 2 O and NH 3 also. The central atoms in these molecules have half 

filled p orbitals which can readilv account for their bonding 

capacities. But one can assume that in these cases also the a and 

3 

the p orbitals of the valence shell are mixed to yield four sp 
hybrid orbitals. The difference between carbon and these cases is 
that all the sp orbitals will not be used for bonding, In the 
case -'f Oxygen, two of the hybrid orbitals ue half filled and 
the other two contain a pair of electrons each. The two half 
filled orbitals overlap wit . the Is orbitals of hydrogen atous 
to form HoO, as shown in Fig.7, 




Fig.7. 


Lae of 



hybrid orbitals by 


oxygen 


in H 2 O 


The filled orbitals make a larger angle with each rther and hence 
the two half filled orbitals are brought closer to each other. 
The angle between the two 0-H bonds is hence less than the 
tetrahedral angle. The explanation of the bond angles in NH 3 
(Fig. 8 ) is on the same lines as in the case of H2 f >* 



3 

Fig. 8 . Dse of sp hybrid orbitals by nitrogen in NH 3 . 


30 



Q.U (a) Explain why Helium cannot aaaume the structure la 

2 p* and form two sp hybrid orbitals leading to a compand like 

HeB2* 

(b) Use appropriate hybrid orbitale to explain the etruoturre of 
C 2 H 4 and C 2 H 2 • 


1.12: Hybridisation involving d orbitals: 


one principle that must be clear fnm the above treat n-nt is tb.it 

usable hybrid orbitals can be formed from atomic ‘’tbu.ils which 

are close in energy. In the cases discussed above, the orbit,ils 

belonging to the second shell wore the only ones used in the 

fornation of. hybrid orbitals. We did not include the ‘ bit,, m 

fron the third shell because the energy differem ej be* v. n * he 

second and third shell orbitals were too large in thes. *’.iseM. 

Participation by other atomic orbitals becomes more ,.nd more 

important as we move to heavier atoms. Consider Sulphur. 'he 

valence shell configuration is 3s 2 3px3^y3jS^. Bonding in molecules 

like H 2 S can be explained straight away from this structure. Or 

one can consider two half filled sp' orbitals as was * re* in the 

case of H 2 O. But in the case of Sulphur, the enoz ,jy f Ui 

orbitals is not very far above that of the 3» and 5p unub'ih, 

With a little energy input a 3s and a 3p electron can be prom*it ed 

to two 3d orbitals. This would result in six half filled orbital'* 

and’ an increase in bonding capacity. It is such a valence state. 

that can explain the formula SFg. To explain the eguiv 11 cnee of 

the bonds in SF 6 and to account for the bond angles- , mo can 

imagine that the six orbitals are mixed to yield six hybrid 

orbitals. The orbitals involved are one s, three p md two d 

3 2 

orbitals. The hybrid orbitals are therefore called »p'd“ 
orbitals. They are directed towards the corners of ,1 regular 
octahedron. Use of sp ^hybrid orbitals therefore results in .in 
octahedral molecule. Four of the.,e are in one plane ind dx: coted 
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towards the corners of a square. The two remaining are in a 
direction perpendicular to the plane, one on each side of the 
plane. Each of them can overlap with i p orbital of a Fluorine 
atom forming the molecule SFg. The four bonds in the square plane 
are called equatorial bonds and the two bonds which are 
perpendicular to this plane are called axial bonds. The molecule 
on the whole assumes an octahedral shape. All the bond angles are 
90°. Inis is the general feature whenever a central atom in a 
.molecule utilises sp'cP'hybrid orbitals. 

Distortions from a regular octahedral geometry occur if one or 

3 7 

more of the sp d“ orbitals contain a pair of electrons. This is 

analogous to the distortion of tetrahedral geometry observed in 

the case of H 2 O and NH 3 . On this basis. Iodine in the compound 

3 2 

If 3 would be using sp d orbitals with the fluorine atoms. The 
geometry therefore is based on the octahedron, with one of the 
positions, occupied by the lone pair. Note that since all 
positions in an octahedron are equivalent, the lone pair can be 
accomodated in any of these positions. The molecule will be 
roughly a square pyramid, as shown in Fig.9. 



Fig.9. Structure of IF 5 . 

In the two cases discussed above, two of the five d orbitals of a 

3 2 

given shell were used resulting in six sp d hybrid orbitals. The 
basic geometry in Buch cases is the octahedron. The hybrids are 
generated by mixing d^ „y*- and orbitals with b, p x , p y and 

p z orbitals. The six are exactly equivalent except for their 
directions in space. This is the meaning of the statement that 
the six positions in the octahedron are exactly equivalent. The 
six bonds in SFg are all alike. In the case of IF 5 the axial bond 
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will be somewhat different from the four equatorial bonds. The 
bonded pairs of electrons in these latter are subject to stronger 
repulsion by the lone pair as they are closer to it than the 
electrons in the axial bond. While the four fluorine atoms io the 
equatorial positions are in a plane forming a square, the iodine 
atom lies slightly below this plane. 

If the a and p orbitals of the valence shell contain five 

electrons, it is possible to involve one d orbital of the same 
shell and generate five sp&hybrid orbitals. The d orbital used 
here is the d 2 x orbital. Three of these hyhrid orbitals will be 
in the direction of the vertices of an equilateral triangle like 

the sp hybrids. The other two will be perpendicular to the plane 

of the triangle, pointing away from it in two opposite 
directions. These axial hybrids make 180° to each other and 90° 
to the equatorial hybrids. These latter are at 120° to one 
another, being in the plane of the triangle. The general 

disposition of the five hybrids is therefore towards the vertices 
of a trigonal bipyramid. 

It is obvious that the five positions are not equivalent and can 
be grouped into two classes - the equatorial and axial positions 
of the bipyramid. 

To explain the valence of Phosphorous in PCI 5 one can assume that 
the valence state of Phosphorous is 3s 3p 3d which corresponds 
to five half filled orbitals. If these are considered to be 
hybridized , the molecule will have three equatorial P-Cl bonds 
and two axial P-Cl bonds in a trigonal bipyramidal structure. 
An interesting feature of Pel 5 is tnat though present as discrete 
molecules in gas phase, it is an ionic solid consisting of PCI 4 < 
and PCI 5 ions. The cation is tetrahedral and the anion is 
octahedral. These shapes of the ions can be explained on the 
basis of the use of appropriate hybrids. You should try this. 

If one or more of the sp^d orbitals are filled,there should be a 
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distortion from the basic trigonal bipyramidal geometry. The 

filled orbitals would however be in the triangular base and not 

in the direction of the axial positions. This is because the 

angles between the orbitals in the base are 120 ° whereas the 

axial orbitals are at 90° to the base. The structure of SF 4 

illustrates this point. The valence state of Sulphur in the 

molecule should correspond to four half filled orbitals. This may 

arise by the promotion of one of the p electrons to a d orbital . 

2 3 1 

The result would be the structure 3s 3p 3d . Hybridization yields 
3 

five sp d orbitals with one of them containing a pair of 
electrons. This would be directed towards one of the corners of 
the base triangle. Overlap of the half filled orbitals with 
fluorine atoms results in the shape given in Fig.10. 


F 



Fig.10. Structure of SF 4 

The two axial bonds are at 177° to each other. The axial — 
equatorial bonds are at 89° to one another and the two equatorial 
bonds are at 104° to each other. These reductions in "the angles 
from those in a regular bipyramidal structure are ascribed to the 
larger space occupied by the filled spo- orbital. Such 
distortions are more pronounced in the case of molecules like 
CIF 3 , BrF 3 and ICI 3 because two of the equatorial positions are 
occupied by filled hybrid orbitals in these cases. The ions I 3 , 
Tri 2 etc., are cases where there are only two half filled 
orbitals on the central atom (iodine in these examples ), The 
three filled orbitals are directed towards the corners of the 
triangle base of the pyramid (Fig.11). 
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Fig.11. Structure of IClj 

If vie use only four orbitals, d x i. _yi., s, p x and Py orbitals, we 
obtain a set of four dap 2 hybrids which are directed towards the 
corners of a square. The resulting compounds would be described 
as square planar. Nickel, for instance, forms the complex ion 
Ni(CN) 4 ^~, the CN groups being at the corners of a square formed 
around Nickel at the centre. Such geometries are generally found 
among compounds of the transition metals. For earlier atoms in 
the periodic table, (eg., C and Si) the preferred four- 
coordinated shape is tetrahedral rather than square planar. This, 
as we have already seen, can be achieved without invoking d 
orbitals. The transition metals comprise a whole field by 
themselves and we will have occasion to learn how to interpret 
the geometries of their compounds in terms of the hybridization 
theory, in a subsequent lesson. 

In summary, the concept of hybridization enables us to explain 
many observed geometries and bond properties. The inclusion of 
the highly directed p and d orbitals along with the spherically 
symmetrical s orbitals to generate hybrid orbitals, improves the 
extent of overlap and hence increases bond strength. Table.2 
gives a list of important types of hybridization and the 
resulting geometries. 

Table 2. Important types of hybridization. 


Hybrid orbitals used Resulting shape 


sp 

sp 2 

sp 3 , 

dsp' 


Linear 

Trigonal planar 
Tetrahedral 
Square planar 
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Trigonal bipyramid 
Octahedral 


dsp3 

,2 

d sp 


3 


3 3 a 

Q.12. Give one example each for the use of .sp a.and Bp ^hybrids 
other than those discussed above. Describe the structures of the 
resulting molecules. 


1.13: The Resonance of molecules among several structures: 

In the brief introduction to the VB theory in section 1.9 it was 
stated that the wave functions corresponding to several possible 
structures are combined to arrive at the wave function for a 
molecule. The theory does not regard any of these structures as 
the actual structure of the molecule, the molecule is supposed to 
be a resonance hybrid of these various possible structures. Each 
of the suggested structures would be assigned a certain weight 
depending upon its stability. On this basis, some of them may 
make larger contributions than others to the overall structure of 
the molecule. Some may be so highly improbable in the sense that 
they correspond to high energy structures that their 
contributions may be negligible. This is how we ignored the 
structure H F as a possible ionic contribution to the structure 
of HF. ' 

Resonance need not be restricted to cases where the structures 

differ in regard to bond type (ionic and covalent). It may 

involve structures that differ in the distribution of bonds 

e 

rather than their type. In fact the phenomenon is genrally 
considered in discussing the properties of organic and inorganic 
compounds in terms of such structures. It is to these that we 
turn our attention now. 
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It has often been found that for many molecules and ions,, 
satisfactory valence-bond structures cannot be written which are 
in agreement with the properties of the compounds. We have 
considered several such cases while writing Lewis electron-dot 
diagrams. How, for instance, do we represent SO 2 ? Following the 
guidelines enunciated in section 1.2 we could write the 
structure as 



Either of the above structures would imply that the two sulphur- 
oxygen bonds are different. One of them is a double bond and the 
other a single bond. It turns out from experiment that the two 
bonds are entirely equivalent and the bond length is neither as 
short as a normal double bond nor as long as a nornal single bond 
between the two atoms. VB theory regards the SO 2 molecule as a 
resonance hybrid between the above two structures. This 
conclusion is written as follows. 


-*-- 

Fig.12: Resonating structures for SO 2 

The double headed arrow between the two structures is a typical 
way of stating that the molecule is a resonance hybrid. The 
contributing structures which appear on either side of the arrow 
are called the canonical forms. 

Another example of a structure which we presented in section 1.2 
is that of the NO 3 ion. The Lewis diagram for this could be 
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Which of the oxygens is double bonded to the nitrogen atom ? 
Experiments show that all three oxygens are identical and 
choosing any one of them in answer to this question would be 
wrong. Again, VB theory suggests that the actual structure should 
be regarded as a hybrid among three possible structures as given 
below. 



Fig.13: Three Canonical forms for NO 3 
In the examples given above, the contributing structures were so 
similar to one another that there could be no large energy 
difference among them. Each would therefore make an equal 
contribution to the actual structure of the molecule. The 
sulphur-oxygen bonds in SO 2 would each be 1 1/2 bonds. The three 
nitrogen-oxygen bonds in NO 3 would each be 1 1/3 bonds. 


But it is not always necessary that the different canonical forms 
make the sane contribution to the structure of the molecule. The 
benzene molecule is a commonly cited example for how the 
resonance hypothesis can account for some apparently curious 
facts.. Benzene is extremely stable chemically, although the 
conventional Kekule structure includes three double bonds in the 
molecule. The molecule is planar and all the carbori-carbon bonds 
have the sane length. The VB theory formulates the following as 
possible contributing structures. 



A 


0 — 0 
B C 



Fig.14: Resonance in Benzene, CgHg 



E 
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A and B are the two Kekule structures and the rest are Dewar 
structures. It is obvious that the two Kekule structures should 
have the same energy, which would be lower than that of the Dewar 
structures which involve longer diagonal bonds. The high energy 
Dewar structures make a lesser contribution to the overall 
structure of Benzene than the two Kekule structures do. The two 
Kekule structures would make an equal contribution to the 
structure as they are equivalent in their energies. If the Dewar 
structures are ignored in a simple discussion, the carbon-carbon 
bonds in benzene would be intermediate in length and other 
properties to a single and double bond between carbon atoms- The 
experimentally measured bond distance in benzene is 139 pn,_ 
whereas the single bond length found in saturated hydrocarbons is 
154 pm and in ethene, 132 pm. 

It is an important premise of the VB theory that the actual 
molecule has a lower energy than any of the canonical forms. The 
difference between the actual energy of the molecule and the most 
stable of the hypothetical structures is called resonance energy. 
As this is a measure of the stability of the molecule compared to 
the stablest of the hypothetical structures, it is also called 
resonance stabilization energy. 

The selection of the hypothetical structures (canonical forms) is 
not an arbitrary matter. Effective contributions are possible 
only from structures that have (a) similar energies, (b) the same 
relative positions of the nuclei and (c) the same number of 
.unpaired electrons, 

The word 'hypothetical' has been used above, many times to 
describe the contributing structures. This was to emphasize that 
none of these structures actually exists. They are in every sense 
of the term, 'hypothetical'. It should not be imagined that the 
molecule oscillates among these structures. Nor would it be 
correct to think it cls an 'equilibrium' mixture of these 
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structures. The molecule has one and only one structure and this 
cannot be represented satisfactorily by any one valence bond 
structure. Some reasonable assumptions are made about what the 
structure may be closest to and one comes up with several 
alternatives . Each of these is indeed higher in energy than the 
actual molecule. In other words, the actual molecule is stabler 
than any one of the contributing structures of which it is 
regarded as a resonance hybrid. 


I 

l 

-2 

Q.13 Write possible canonical forms for (a) SO 3 (b) O 3 (c) N 2 O 
and <d) C 5 H 5 CI indicating the formal charges, if any, on the 
atoms. 


1.14; The Polar Covalent Bond; The Electronegativity scale: 

In the case of homonuclear diatomic molecules, the ionic 
contribution to the overall structure is of negligible 
significance. The bonding electrons are equally shared by the two 
atoms in such cases. The probability of finding the electrons 
exactly midway between the nuclei is much higher than 
elsewhere. But when the two bonded atoms are not the same, one of 
them may exert a greater pull on the bonding electrons than the 
other and the electrons are more likely to be nearer this more 
'electronegative' atom than near the other. This end of the 
molecule would then acquire a slight positive charge. There is 
thus a certain separation of charges in such molecules. The bond 
is said to acquire a polarity or a partial ionic character. When 
there is a complete transfer of an electron from one atom to the 
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other, oppositely charged ions are produced which would be held 
together by the 'ionic bond'. But what we are discussing here ig 
a covalent bond in which, though the transfer of a full charge 
does not occur, the bond acquires an ionic character due to the 
asymmetric distribution of the bonding electrons between the two 
atoms. Such bonds are called polar covalent bonds. It is 
reasonable to expect that the more electronegative one atom ig 
when compared to the other to which it is bonded, the larger will 
be the polarity or the partial ionic character of the bond. 

We have been using several terns to describe such bonds. Is it 
possible to quantify these terms ? Let us first take up the term 
1 electronegativity'. We have, in a sense defined this property. 
It is a measure of the tendency on the part of an atom in a 
covalent bond to pull the bonding electron towards itself. When 
an ionic character is introduced into a covalent bond, due to the 
difference in electronegativities, the b* nd becomes stabler than 
if it were purely covalent. This principle is the basis for the 
scale of electronegativity proposed by Pauling. The bond energy 
of the compound A-B is greater than the bond energies of the 
homonuclear molecules A-A and B-B from which it is formed. This 
increase is due to the difference in electronegativities between 
A and B. Pauling proposed a relationship between the differences 
in electronegativities and the difference between the bond energy 
of the molecule A-B and the geometric mean of the bond energies 

of A-A and B-B. He then assigned an arbitrary value of 2.05 for 

the electronegativity of hydrogen. Estimating the 
electronegativity difference between hydrogen and other atoms can 
be done by studying the various compounds of hydrogen. For 

instance, using Pauling's relationship, the difference in 
electronegativities between hydrogen and the halogens can be 1 
calculated from measurements of the bond energies of the hydrogen 
halides. Assuming the electronegativity of hydrogen to be 2.05, 
the electronegativities of the halogens can be determined on the 
Pauling scale. Compounds of halogens with other atoms can then be 
studied by a similar procedure and from a knowledge of the 
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electronegativities of the halogens those of the other atoms can 
be estimated. By such methods, the values for various elements 
are determined. These are presented for some elements in Table 3. 

As stated earlier, the larger the difference in electronegativity 
between two atoms, the larger will be the partial ionic Character 
of the bond between them. From the data in Table 3 it is seen 
that the ionic character of the hydrogen halides increases in the 
order HI, HBr, HCl, HF. It should ofcourse be possible to 
quantitatively relate the amount of ionic character to the 
difference in electronegativities. That is, it should be possible 
to calculate the % ionic character from the data in Table 3. We 
shall however, use a different procedure to determine this. 

I 

l 

Table 3. Electronegativities of Some Elements on the Pauling 
Scale. 


Li 

Be 

B 

C 

N 

0 F 

1.0 

1.5 

2.0 

2.5 

3.0 

3.5 4.0 


Na 

Mg 

A1 

Si 

P 

S 

Cl 

0.9 

1.2 

1.5 

1.8 

2.1 

2.5 

3.0 


When polar molecules are placed in an electric field, they 
assume specific orientations as shown in Fig.15 for HCl • 
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Fig. 15: Orientation of HCl molecules in an electric field. 

The negative end of each molecule will he attracted to the 
positive plate and the positive end, to the negative plate. This 
orientation will result in a snail energy change. By measuring 
this energy change we can determine whit is called the dipole 
moment of the molecule. It: is <Msy to i. the iefinition 

of this property if we consider the case of an ionic molecule. In 
the following diagram, the two charges -g and -g are placed at a 
distance R apart. The two charges arc the two ions. 

U'ijH 

Fig. 16: Representation of a dipole. 

The diagram represents a dipole. The dipole moment is defined as 

P g x R 

Note that the diagram is written in the shape of an arrow 
pointing towards the positive charge. The dipole moment has a 
direction as well as a magnitude. It is a vector. By convention 
the direction is towards the positive charge. 

The dipole moment is a property exhibited by any species in which 
there is a separation of charges. Such species ■ are cal led 
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dipoles. The polar covalent molecule is a dipole. Its dipole 
moment can be measured. One can also measure its bond length. One 
can calculate the dipole moment the molecule would have if it 
were entirely ionic. But the molecule is not entirely ionic. It 
has only a partial ionic character. Therefore the calculated 
value of the dipole moment will be larger than the experimentally 
measured value. The % ionic character can then be defined as 

measured-dipole moment 

% ionic character = --—-x 100 

calculated dipole moment 

The unit of dipole moment based on charges in electrostatic units 
and distance in centimetres is called the debye (D), defined as 
follows. 


1 D = q (esu) x R (cm) / 10 
Table 4 gives the data for the hydrogen halides. 


Table 4. 

Molecules. 

Dipole Moments 

and Ionic 

Character of 

Hydrogen Halide 


Bond length 

Dipole 

calc 

Moment 

obs 


Ionic character 

HF 

0.92 A 

4.42 D 

1.98 

D 

45% 

HCl 

1.28 A 

t 

6.07 D 

1.03 

D 

17% 

HBr 

1.43 A 

6.82 D 

0.79 

D 

12 % 

HI 

1.62 A 

7.74 D 

0.38 

D 

5% 
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The discussion up to now w.is rest ricted tdiat onic r^locules, In 
the case of polyatomic molecules al'so, bonds between unlike atoms 
will be polar. But whether the molecule on the whole will be 
polar or not depends upon its sh-cc. Vie have learnt that dipole 
moment is a vector. The. molecule will be polar only when the 
vector sum of the various hond moments is not zero. In the case 
of a symmetrical molecule like CfH, for instance, the two bond 
moments are directed as shown below. 

<i- 2if+ i|- 

o~t ®o 

I 1 Sf<a ^ v*4 

Fig.17: Resultant dipole moment in COi 


The diagram ind :, ates that the two moments a rice 1 each other and 
the molecule will have zero dipole moment. The molecule will be 
nonpolar. Ozone, on the other hand, will have » net dipole moment 
because its structure is as given below. 


4 - 

0 


<?- 

,0 


hand*' 1 0 ^ V bond 


Fig. 18: Resultant dipole moment in ozone 


From our knowledge of the structures of BFj and N'H> we conclude 
that BF 3 will be nonpolar while NH 3 will be polar. COi 4 has a 
regular tetrahedral structure and will ha.e no net dipole 
moment. But CH 3 CI cannot bo nonpolar, because though the C-Cl 
bond is in the general direction of the corner of 1 tetrahedron 
(like the C-H bonds), it has a different bond moment. 


Q.14 Classify the following molecules into polar and nonpolar, 
a) CHCI 3 b) NO 2 c) N 2 O d) BeH 2 e) CH 3 OH 
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Polar molecules can attract one another more strongly than 
nonpolar molecules can. Therefore, other conditions being 
comparable, polar liquids generally have higher boiling points 
than nonpolar liquids. Another property of polar liquids is 
their ability to dissolve ionic substances. The most common 
example of a polar liquid is water. The dissolution of ionic 
solids in water is explained as follows. The water dipoles can 
orient themselves around the ions in such a way that one end 
becomes strongly, attracted to an ion of opposite charge, as shown 
in Fig.19. 


Fig.19: Solvation of an ion by water dipoles 

Such a 'solvation' results in a reduction in energy and 
contributes to the solubility of the solid. Further, the 
electrostatic attraction between the ions which binds them in the 
crystal is weakened in presence of water. In general, polar 
substances dissolve more readily in polar solvents and nonpolar 
substances dissolve more readily in nonpolar solvents. Iodine, 
for instance, has a much higher solubility in CCI 4 than in 
water , 


Q.15 Ethanol is miscible with water in all proportions. Benzene 
is completely immiscible in water . Explain why. 
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1.15: The Molecular Orbital Method*. 

From the description of the valence Bond approach given in the 
previous sections, it should he clear that the theory i . oased on 
certain proposed structures. A linear combination of the wave 
functions for these structures was supposed to yield the wave 
function for the molecule. The structures were written using the 
Lewis principle of the electron pair functioning as the covalent 
bond. The wave functions therefore were electron-pair wave 
functions. The Molecular Orbital approach starts fron a different 
premise. We shall briefly discuss the approach in this section. 

The quantum mechanical model of the atom assumed that each 
electron in an atom can be described by a hydrogen-1ike wave 
function, which is called an atomic orbital. These wave functions 
are similar.to the allowed wave functions for the hydrogen atom, 
except that the energies are suitably modified to take into 
account the increase in nuclear charge and the presence of other 
electrons in the atom. The atom is ’constructed* by feeding 
electrons into these orbitals, starting with one of the lowest 
energy, according to a set of rules. 

One should now consider the possibility of using a similar 
approach to describe the distribution of electrons in molecules. 
The difference between the atom and the molecule is that the 
letter is a system, containing more than one nucleus. If, for 
instance, it is a diatomic molecule, we could approach the 
problem by setting up an appropriate form of the Sehrodinger 
equation for the two nuclei and the electrons other than che one 
being described by the wave function which is sought. If we could 
do this and work out the functions that were acceptable solutions 
to the wave equation, they could presumably describe the 
distribution of electrons in the molecule. We could call these 
molecular orbitals. Unfortunately, it is not possible to solve 
the Schrodinger equation exactly for a molecular system. Certain 
->. j Proximations based on sound reasoning have to be made. If it is 
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a one electron system like the Hydrogen molecule-ion, H 2 * 
solutions can be found at fixed internuclear distances. The 
solution for the lowest energy will be the wave function 
corresponding to the lowest energy molecular orbital of this 
species. The procedure most commonly employed to arrive at these 
solutions assumed that in the immediate neighbourhood of each 
nucleus, the electron would most likely be in the atomic orbital 
around that nucleus. The molecular orbital which describes the. 
electron spanning both the nuclei is assumed to be a linear 
combination of the atomic orbitals. This approach to find the 
molecular orbital wave function is called the LCAO method. The 
expression for the MO wave function would be 


, MO . AO . A0 I 

v = clip + Clip ... cm) 

(A T B 

In this expression, Cy arid C 2 are coefficients which give a 
measure of the contribution made by the respective atomic 
orbitals to the MO function. (The expression should be multiplied 
by a constant called the normalization constant. This is a detail 
which we shall be omitting in this simplified discussion). In the 

I 

case of hononuclear diatomic species, the two atomic orbitals 
make the same contribution to the overall MO function. For the 
H 2 ion, the lowest energy atomic orbital (AO) available for the 
electron is the Is orbital around either atom. The LCAO-MQ wave 
function can then be written in a simplified form as follows. 


I HD , \ 

y = (is A +is B ) ... (iv) 

This would be the lowest energy MO available for occupation by 
the electron. 

One may ask whether occupation of the MO in the above expression 
results in bonding. This can be answered by calculating the 
probability of finding the electron at various points along the 
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line joining the two nuclei. Pig.20(a) presents this information 
for an electron in the (Is^ +- lsg) orbital. The two dotted curves 
are for the atomic orbitals ls^ and lag and the full line# for 
the molecular orbital ( + ls B ) . The probability of finding 
the electron between the two nuclei is higher Cor the molecular 
orbital than for the two atomic orbitals. This is the condition 
that would result in bonding. Hence the MO in the above 
expression is called a bonding molecular orbital. 

The two Is orbitals can be combined in another way also. This 
arises when the two have opposite signs. The resulting MO wave 
function would be 

' V'*" = ( 1S A~ ... (V) 

The probability distribution of the electron at points along the 
internuclear axis is shown in Fig.20(b), for this wave function. 
Here, the electron spends most of its time in regions outside the 
internuclear region, in fact at a point midway between the 
nuclei, the probability is zero. There is a nodal plane 
perpendicular to the internuclear axis running through the 
midpoint. By thus reducing the electron density in the crucial 
internuclear region, this MO enhances the repulsion between ‘he 
two nuclei and pulls them apart. Such a situation works against 
bonding and the MO is called an anti- bonding orbital. 



Fig.20: Electron density distribution 
in bonding and antibonding MOs 

The difference between bonding and antibonding orbitals can also 
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be illustrated with the help of the boundary surfaces for the 
orbitals. This is shown in Fig. 21. In the first case, the two 
AOs of the same sign are combined and this results in overlap of 
the AOs. Such an overlap increases the electron density in the. 
region between the nuclei. In the second rase, the combination of 
the AOs pushes the electron out of the internuelear region. 



Fig.21: Formation of bonding and antibonding MOs 

by s-s overlaps. 


It is obvious that the decrease in repulsion between the two 
nuclei brings the system to a lower energy state if the bonding 
MO is. occupied. On the other hand, if the antibonding MO is 
occupied, the increase in nuclear repulsion brings the system to 
a higher energy state than the separate atoms. Fig.22 is an 
energy level diagram for the molecular species. The lower energy 
bonding orbital is occupied by the electron in H 2 in the ground 


state. 




O- 


-QK 


M3- 


Is 


/ 


l*A< 1*1 


Fig.22: Orbital energy level diagram for H 2 


As in the case of atoms, molecular orbitals corresponding to 
various excited states of the species should also be possible. 


50 




The first among ihen ufcourse is the antibonding orbital formed 
from the Is orbitals. The others would involve combinations of 
the other AOs of the atoms. 


1.16: Types of Molecular Orbitals: 

As in the case of the Is orbitals, we can combine two 2s orbitals 
in two ways to get a bonding MO and an antibonding MO. These are 
(2s^ + 2 S 3 ) and (2s^ -2 sq) respectively. Note that the s orbitals 
from which such MOs are obtained -se spherically symmetrical, The 
resulting MO will be symmetrical about, the bond axis. That is to 
say, its sign does not change when it is rotated about the bond 
axis, Such MOs are labelled cT , Thus the MOs which we have 
discusS':d thus far are labelled CT ls,G*ls,C 2s and 0* 2s. The 
antihoriding orbitals inn each case are indicated by an asterisk. 


If the bond axis is taken as the .:-axis, two p 2 orbitals can be 
combine! to give bonding and antibonding orbitals as indicated in 


Fig.23. 





if* 


Fig.23; Bonding and antibonding MOs from p 2 orbitals. 


Note that: here again there is a nodal plane perpendicular to the 
axis between the nuclei in 1 he case of the antibonding orbital 
whereas there .is ac increased electron density in the 
internuclear region in the case of the bending orbital. Also of 
interest is the fact that the MOs are cylindrically syrnmetriccal 
about the bond axis. Their signs do not change when rotated about 
the bond axis. These MOs are also & molecular orbitals and are 
labelled as CT 2 p and CT 2 p orbitals, -phe star is again the 
notation for the antibonding orbital. 






Now let us combine two 2p y oioitals. Fig.24 shows (2p yA +2p yB ). 
There is an increased electron density between the nuclei but 
orily above and below the bond axis. The probability of finding 


o o 
— ♦ ■— * — 
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CD 

- * ■. •— 

CD 
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Fig.24: Bonding MOs from two parallel p y orbitals 
the electron on the bond axis in this orbital is zero. The 
molecular axis is a nodal plane. The high probability above and 
below this axis, however, tends to draw the nuclei together. The 
orbital is therefore a bonding MO. Unlike the CT MO, this orbital 
has a positive lobe above the bond axis and a negative lobe below 
the axis. It is not cylindrically symmetrical. It is named a 
rt orbital to distinguish it from the (T orbital. A similar 
1\ orbital is obtained when two 2p x AOs are added to one another. 
The T\ 2p x orbital will be in a plane perpendicular to that of the 
T\ 2p y plane. 


Proceeding in a similar manner, one can pictorise the formation 
of the a;;tibonding MOs from a pair of p y and p x orbitals 
respectively. Fig.25 shows how such a combination leads to a 
decrease in probability for the electrons in the inter nuclear 
region. 




GJ 0 


O 


Fig.25: Antibonding MOs from two parallel p y orbitals. 


We have learnt that atomic orbitals which differ only in 
direction < for example, 2p x , 2p y and 2p z ) are degenerate; that 
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is, electrons in them have the sane energy. Similarly, t h** 1\ 2p 
orbitals are also degenerate. So are the two ft 2p ant ibonding 
orbitals. That is, electrons in the ?'*' 2p x orbital have the same 
energy as electrons xn the 'ft 2py orbital. Electrons in ?^*2py 
and n*2o x orbi ala have the same energy. Tae ener iy xn the 
antibondinq orbitals La of course higher than the energy m the 
separate AOs and the energy in the bonding orbital# is lower than 
that in the separate AOs. 

In the above discussion, we have chosen certain pairs *»f atomic 
orbitals for linear combination to yield rmleoiilar orbitals -a 
bonding and an antibondinq orbital, The criteria for such a 
choice are bas-ed on the fact that atonic orbitals would combine 
effectively only if 

a) they represent states of Simla- energy; the Is ami t. he 2s 
orbitals of the hydrogen atom are i different m mtrrgy that 
combinations like (Is * 2s) are not; I'dirUvi-, 

b) they overlap to a considerable ti-nt . 

c) they have the same symmetry with respect to the molecular 
axis; 2p x on one atom can combine with 2p x an another and not 
with 2py or 2p z . 

1.17; Structures of Homonuclear Diatomic Molecules: 


The hydrogen atom is the only neutral atom aim rr) one 

electron. The lowest energy electronic runf igur-tt ictct >.f at oms 
are arrived at using hydrogen-like iti.ruo orbital:. The only 
molecular species containing one elerit ran 11 the hydrogen— 
molecule ion. By analogy with the atonic eus. , the electron 
configurations of molecules can be arrived at u.tng t • .iT 
orbitals as a framework. It is first necessary to k'.uw the *.* ier 


of increasing energies among the molecular orbital*. The MO 
theory shows this order to be 


Cfls <<y*ls < <J 2s <CT*2s <6 2p <(7l x _2p = /'>u2p) k[V 


x, 2p 


^2p) 


< 0“*2p 
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A similar arrangement probably exists for the MOs formed from AOs 
of higher energy levels than the one listed above. Once such an 
energy level diagram is available, the electrons in a given 
molecule can be distributed using the ’Aufbau’ principle, that is 
assigning electrons one at a time to the orbitals of lowest 
energy. The Pauli exclusion principle limiting each orbital tc a 

maximum of two electrons and Hund's rule with respect to 

occupation of a set of degenerate MOs are also held valid. Using, 
tnese guidelines, let us now consider the structures of some 
hononuclear diatomic species. 

a) Hydrogen: The Is orbital is the lowest energy orbital ‘ 

available. It can take two electrons. Therefore the configuration 

2 

for H 2 is O’ Is . The bond dissociation energy of H 2 is 458.5 kJ 

mol ^ while that for is 269.3 kJ mol ^. The two electron bond 

in H 2 is stronger than the one electron bond in H 2 . 

b) Helium: The first two electrons go to the C Is orbital, the 

ft 

next two have to be accomodated in the antibonding 6 Is orbital 
which is next in energy to the Is orbital. Fig.26. shows the 
configuration. 



Fig.26: Orbital energy diagram for He 2 

1 

If He2 is formed, two of the electrons of the Helium atoms would- 

have reached the lower energy state CT Is. But two others would 

■X’ 

have increased their energies by occupying the O’ Is MO. It is 
generally true that the energy difference between the antibonding 
orbital and the atomic orbitals is larger than that between the 
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atmic orbitals and the bonding orbital. That is to say, the 
ant ibo ruling orbital 1 * are wore antibonding than the bonding 
orbitals are bonding. The species He 2 therefore represents a 
higher energy than the separated atoms. Hence it is 

unstable with respect to the atom. He 2 is not formed. 

c) Lithium: Th* -structure of each lithium atom is ls 2 2s 1 . 
Therefore six electrons have to be accomodated in MOs. The 
molecular orbital ’•nergy level diagram for Lio is given below. 



Li 1 1 , Li 


Fig.27: Orbital energy diagram for Li -2 

n 

The bond; 3 associated with O' Is" is cancelled by the antibonding 

* "i 

effect due to CT l The bonding between the two atoms is 
therefore dr: to tho » cup.itimi «f (f 2s o.bital. Since the 
orbitals in the K shell (the Is orbitals) have no role in bonding 
the diagram can be written .is follows. 



Is >* 

li Li, l « 


Fig.28: Orbital energy level diagram for Li 2 * 
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If 

In Fig.28. the (T Is and (T la orbitals are indicated to be of the 
same energy as the Is orbitals of the atoms in Li 2 - This is 
justified on the ground that the overlap of the Is orbitals is 
so insignificant that there can be no energy change. This is 
generally so. There is very little overlap between atomic 
orbitals lower in energy than those of the valence shell 
orbitals. It is therefore usual only to include MOs formed, by 
valence shell atomic orbitals in representations of orbital 
energy level diagrams of molecules. 


d) Nitrogen: The electron configuration of the nitrogen atom is 
2 o 3 

Is 2s“2p . The molecule N 2 will have 14 electrons. Since the Is 
electrons take no part in bonding, we require to construct MOs to 
accomodate the 10 electrons which belong to the valence shell of 
the atoms. As per the increasing order of energies, these 
electrons will go in pairs to the 0 2s ,CF*2s , 6 2p. , 7^2p^., TTlp^ orbitals 
This distribution is represented as follows (Fig.29). 




-OK— 


"HDH 

_Oh- 

-HID— 




f 0 


-• 0 lul. ; .[Li]-. 

N N, N 

Fig.29: Orbital energy diagram for N 2 


Note how the diagram indicates that theTf2p x and 2py orbitals 
are degenerate. The bonding in N 2 is therefore due to electrons 
in the CT2p and 7T2p orbitals. This would be a triple bond, with 
one of the bonds being a O’ bond and the other two, f\ bonds. 
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e) oxygen: The oxygen molecule, 0 2 ,contains two otctrons none 
than the N 2 molecule. These electrons enter the antibonrling rT% x 
and T\*2py orbitals. Since these two orbitals are degenerate,. the 
two electrons will go one into each of the two orbit-... with 
parallel spins according to Hurd's rule of maximum multiplicity. 
There are thus two unpaired electrons in Hie 0 2 molecule. Fig.30 
summarises the information about the MOs in n 2 . 
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Fig.30: Orbital energy diagram for 0 2 

The 12 valence shell electrons are distributed .is follows, 

CT2s 2 ,tf*2 S 2 ,tf 2p 2 , Ti2 P *, TUpy, T\%\, 7l + 2py. 

(The superscripts indicate the number of electrons in each orbital! 
One can calculate the number of electrons in bonding MOs and the 
number in antibonding MOs. 

Number of electrons in bonding MOs = = 8 

Number of electrons in antibonding MOs = N a = 4 
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The excess of bonding electron pairB over antibonding electron 
pairs is called the Bond Order. 

Bond order in 0 2 = 1/2 (N b - N a ) = 2. 

This is another way of concluding that the bond is a double bond. 


Q.14- 


Calculate the bond-order in H 2 » H 2 , He 2 and N 2 . 


An important feature of the 0 2 molecule according to the MO 
theory is that the molecule contains two unpaired electrons. Such 
species interact with an applied magnetic field. When liquid 
oxygen is placed near a strong magnet, it is drawn into the 
magnetic field. This property is! called paramagnetism. When 
liquid nitrogen is placed near a magnet there is hardly any 
effect. If there is any effect at all, the molecules of N 2 are 
slightly repelled by the magnetic field.Nitrogen is diamagnetic. 
The MO theory is therefore able to account for the • paramagnetism 
of oxygen. The VB theory could not do so, though it was able to 
show that there is a double bond linking the two oxygen atoms. 


Q.15. Write the orbital energy diagrams for the following. 
Calculate the bond order in each case. Which of them are 
paramagnetic ? 

+■ + 

F 2 , Ne 2 , B 2 , N 2 and 0 2 

-1-->----* 

1.17: Heteronuclear diatomic molecules: 

The sane general principles can be used to describe diatomic 
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t. he 


molecules formed from two unlike .it firm, 
atomic orbitals oE the two atoms for 
molecular orbitals has to be carefully 
conditions stipulated earlier, the choice 
AOs 


Hut Hr 1 t i <n of 
eunbin.it ion 
made. See a 11 ing 
must lie such that * he 


i) have similar energies 

ii) overlap to a considerable extent 

iii) have the sane symmetry properties with respect to 
bond axis. 


In the case of atorts of the sane element, orbitals being comb * n nt, \ 
were of the same type ti.e., la with Is, 2a with 2s ar.i so •■■***• 
But the choice nay not be so automat i*- m the r 
heteronuclear diatomic species, Further, when the a'ui.s ***•’ 
identical, the respective AOs contribute equally t.n the no.. ■ 
orbital by ICAO. In the general expression for the I.fWO - MO, 


f- c.% 


xo 



(VI) 


the constants and Co wall have the same value. But when i.lse 
atoms are of two different elements, the constants , in g^fi.-r .* J , 
will not be the same. The energy of the two AOs depend on f h*‘ 
atom to which they belong. When they combine and form a bonding 
molecular orbital, the; electron distribution that the MO 
describes will be closer to the lower energy AO th in to t, tie 
higher energy AO. In an antibonding MO the reverse will be t n***. 
These aspects of the description of bonding in heteronut* l ** * i 
systems are illustrated with sunt? simple examples below, 


a) Hydrogen fluoride, HP : The electronic configuration of t Ur* 
two atoms are, H, ls' L and F, Is" 2s^ 2p^. The MO describing the Ii —F 
bond must be obtained by a linear combination of the hydrogen Is 
orbital with a suitable orbital on the fluorine atom. In order t: o 
do this, the energies of the electrons in the respective atonic 
orbitals is necessary. Such information is obtained from t. He* 
Photoelectron spectra of the atom. (The technique is briefly 
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discussed in your textbook). The evidence shows that the energy 
2 2 

of the Is" and 2s electrons in fluorine are far too low compared 
to the energy of the Is electron in hydrogen. The 2p electrons in 
fluorine are however of suitable energy to form molecular 
orbitals with the Is orbital of hydrogen.. One can therefore 
assume that the Is and the 2s electrons in fluorine remain 
essentially in the respective atomic orbitals. Which of the three 
2 p orbitals can effectively overlap with the Is orbital of 
Hydrogen ? Fig.31(a) shows the effect of combining the hydrogen 
Is orbital with the fluorine 2p z orbital, assuming that the 2p z 
orbital is in the molecular axis. Fig.31(b) shows the overlap 
between the hydrogen Is and the fluorine 2p x orbital. 



In Fig.31(b), the overlap from the positive lobe of the 2p x 
orbital is exactly balanced by the overlap from the negative 
lobe. These overlaps cancel each other out. The MO formed from 
such overlaps is neither bonding nor antibonding. It is 
nonbonding. Similarly, use of the 2p y orbital which, like the 
2p x , is also perpendicular to the molecular axis, results in a MO 
which should be considered nonbonding. The only bonding MO is 
from the combination of H (Is) with F (2p 2 ), as shown in 
Fig.31(a). It is closer in energy to the F (2p z ) orbital than to 
the H (Is) oybital. The energy in the bonding MO is slightly 
lower than that in the 2p z AO, but very much lower than the 
energy in the Is AO of hydrogen. This is how MO theory explains 
why the electron density is higher near the fluorine atom than 
the hyudrogen atom in the molecule HF. The bond is polar with the 
fluorine pulling the electrons closer to itself. 
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b) Nitric oxide, NO : We can use the following gpf j ri;r»iHCM»juc 
data to decide which atomic orbitals can be combined. 

For nitrogen, the atomic orbital energies are: 

Is, 646 x 10" 19 J; 2s, 32.6 x 10~ 19 J; 2p, 23.3 x 1(T 19 J, 
and for oxygen: 

Is, 862 x l(f 19 J; 2s, 45.6 x 10 _19 J; 2p, 21,8 x icf 19 J. 


The 2p orbitals of the nitrogen and oxygen atoms are the closest 
in energy when compared to the other AOs on the two atoms. These 
are the orbitals that can be effective in bonding the two atoms 
to each other. The orbital energy diagram given below (Fig,32) 
shows the result of combining the 2p orbitals on the two atoms. 
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Fig.32: Orbital energy diagram for NO 


Let us now find out the bond order in NO. 


The distribution of electrons into bonding and antibonding mo a is 
as follows: 


Bonding MOs : 2p , 2p x , 
Antibonding MO: 2p x (or 
Bond order in NO = 1/2 
following table (Table 5) 
O 2 , NO and N 2 . 


2py , Total bonding electrons = N b = 6 
2py).Total antibonding electrons=N a = 1. 
( N b - N a ) = 1/2 (6 - 1) =2 1/2. The 
gives a comparison of the properties of 
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Table 5: A Comparison of N 2 . O 2 and NO 


Property Oo NO N 2 

bond order 2 21/2 3 

number of unpaired 

electrons 110 

dissociation 

energy / kJ mol -1 498 632 945 

bond length / pn 121 115 109. 1 


The table reveals that the dissociation energy and bond length of 
NO lie let ween those of So and On. It can be generalized that 
the higher the bond order, the stronger will be the* bond and the 
smaller wall he the bond length. 


Q.16 It. as known that the species NO + is formed rather easily. 
Use the orbital energy diagram to explain this. Ib the species 
expected to l«e paramagnetic like NO ? 

A wi-11 kn. ah property of NO is that it readily re.el a with oxygen 
forming reddish brown NOs• To explain this, we have to compare 
Lhf? MO energy level diagrams of NO and NOs and show why NOs is 
more stable than NO. However, we will not he discussing MO 
diagrams of molecules containing more than two atoms in this 
1 esson. 
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c) Carbon monoxide, CO: The CO molecule haa the same number of 
electrons as the nitrogen molecule. The two are said to be 
isoeleetv'o'v^C.. Jf we go by the example of' N-?, the electron 

~ 2 # 2 

distribution in CO (ignoring the Is orbital) should be O’ 2s“0' 2s 
2 ^ x 

(J 2p , ( "Jl 2?#, T\ 2py ) . The bonding and antibonding effects of the 

6 2s orbitals cancel and the bonding should be due to the 2p 
orbitals which give rise to one O' and two 7T bonds. This simple 
picture is found to be inadequate to account for the properties 
of CO. The 2s and 2p orbitals of carbon are fairly close in 
energy and when the 2p atomic orbitals of carbon and oxygen are 
combined, the 2s of carbon also makes a contribution to the 
resulting MOs. This ’contamination' alters the energies of the 
O 2p and <5* 2p MOs. The order of MO energies which we have been 
using till now will not be applicable in the case of CO. While 
there is no intention to go into all these details here, a 
mention of this case has been made to show that the MO theory is 
capable of acconodating these peculiarities. 

1.18: Polyatomic molecules: 

The case of CO further emphasizes the importance of making a 
proper selection of atomic orbitals for the generation of 
molecular orbitals. In principle, the guidelines for such 
selection which we have used,till now can be used in the case of 
polyatomic molecules also. But the situation becomes complicated 
compared to diatomics. One of the difficulties is due to the 
shape of the molecule. One can of course borrow this information 
from, say, the VSEPR model, before going into the exercise of 
constructing molecular orbitals. This knowledge is necessary to 
decide the atomic orbitals which are suitably oriented for an 
effective overlap. With this information and the knowledge of 
the nature of atomic orbitals, especially their directional 
characteristics and energies, suitable linear combinations can be 
tried out. Once the MOs and their relative energies are known, the 

molecule can be described as we have done with the examples 
above. 
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In several cases, the bonds may be such that the electron pair 
constituting them may be considered to be more or less localized 
between the atoms bonded. In such cases, either the VB or the MO 
language can be used to describe the molecules. But the 
significance of the MO approach is that it neatly takes into 
account the possibilities of delocalization. This is best 
illustrated with the example of benzene, 

There is considerable experimental evidence to show that the six 

carbon atoms in CgHg are at. the vertices of a regular hexagon, 

and the hydrogens attached to them are in the same plane as the 

0 

plane of the carbon atoms. All the angles are 120 and all carbon- 
carbon t*nd lengths are the same. 

Each carbon atom is bonded to two 'others and to one hydrogen 
atom. As far as these bonds are concerned, the electrons are 
localized between the two atoms which they are bonding. But at 
each carbon atom there will be left one electron in a p-orbital 
which has not been used for the bonds. Each of these p-orbitals 
is perpendicular to the plane of the molecule (Fig.33). 



Fig.33: Valence bond picture of Benzene 


The VE structure given in Fig.33 assumes lateral overlap anong 
pairs of p-crbitals forming bonds. This could happen in either 
of two ways as shown in Fig. 33 and both these 'Kekule' 
structures are equally eligible as components of a VB function. 
There is 'resonance' between the two structure 0 , 
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The MO description assumes that each of the six p electrons can 
be described by a wave function written as an appropriate linear 
combination of all the six AOs. The result is" that the electrons 
occupy MOs which extend over all the six car bun atoms* They are 
completely delocalized. The MO of lowest energy is depicted in 
Fig.34. It has one lobe above the plane of the molecule and 
another below it* The molecular plane is a nodal surface. 



Fig.34s MO picture of Benzene. 

The above description is used in the case of other conjugated 
systems also (for example, butadiene). The stream of electrons 
that covers the entire molecule in such cases confers certain 
special properties on the molecule. 

Summary: 

Some of the basic questions concerning molecules of elements and 
compounds which were raised in the Introduction to this lesson 
have now been addressed, We can account for (he specific formulae 
of molecules, their shapes and many other properties In terms of 
a Valence theory. The significant first step was taken towards 
such a theory by Lewis’ formulation of the electron-pair bond. 
The VSEPR theory gives a very useful set of rules for predicting 
geometries of molecules. 

The valence-bond approach is one way of describing electron 
distribution in the presence of more than one nucleus. It 
considers the plausible structures that a molecule can have and 
expresses the wave function for the molecule as a linear 
combination of the wave functions of these hypothetical 
structures. The concept of resonance among these structures 
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central to the theory. The observed dipole moments of some 
molecules are explained in the theory by the inclusion of ionic 
contributions to the overall structure of the molecule. The 
absence of dipole moment can also be explained as a consequence 
of the cancellation of individual bond moments in the case of 
symmetric structures. The theory of hybridization is not only 
helpful in predicting molecular shape, but also in accounting for 
the equivalence of bonds to a central atom. 

The molecular orbital theory sets up a wave function for each of 
the electrons in a molecule. These single electron wave functions 
are obtained as linear combinations of atomic orbitals. Certain 
well defined guidelines are used in selecting the AOs for linear 
combination and the generation of a molecular orbital. Each 
combination leads to a bonding and an antibonding MO. The former 
is lower in energy and the latter, higher in energy than the AOs 
from which they are obtained. Considering each of the AOs in the 
valence shell, a number of MOs can be constructed. These are 
arranged in the increasing order of energy. An orbital energy 
level diagram is thus constructed. Electrons are fed into the MOs 
using rules similar to the ones used in arriving at electron 
configurations of atoms. The number and nature of the bonds is 
inferred from such diagrams. In principle, each electron in a 
molecule is supposed to be under the influence of all the nuclei 
in the molecule. However, in the case of some of the bonds the 
electrons can be, for all practical purpcses, considered as 
localized between the two bonded atoms. Complete delocalization 
of a set of p electrons occurs in conjugated systems like Benzene 
and Butadiene. 

These are som^ of the conclusions reached from the theories of 
valence described in the chapter. The theories are fairly- 
advanced and require a sound foundation in mathematics for a 
proper comprehension. What has been attempted here is a 
qualitative account. It is hoped that this will suffice to 
understand the properties of molecules, especially their chemical 
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reactivity which are discussed in the subsequent lessons. 
Explanation of reactivity is after all an important concern and 
a fascinating pursuit in chemistry. 

Exercises 

1 . Write Lewis structures for the following. Indicate the formal 

charges if any, on the atoms. 

-1 

a) Br2 b) HCHO o> SO3 d) H 0 C 1 e) HBF 2 f) ONF 

K 

2 . Which of the following do not obey the octet rule ? 
a) CBr4 b) AICI3 c) IF7 d) BeCl2 f) H 2 Se 

3 . Use VSEPR model to predict the geometries of each of the 
following molecules and ions. 

a) BC. 1 3 b.) XeF 2 c) CIO2 d) NSF (sulphur is central atom) 

e) BrF4 

4 . Would you expect the approximate shape of the molecules and 
ions below, all of which contain five atoms to be 

i) tetrahedral ii) square planar or iii) like SF4 ? 

a)AlH4 b) CCI4 c) NH4 d> PSF3 (central atom is 

phosphorous) e) SeCl4- 

5 . What type of hybridization will the carbon atom have in 
a) CO b) C 0 2 OCO3 ? 

6. What type of hybridization will the nitrogen atom(s) have in 
the following molecules and ions ? 

a) NO b) N 2 0 2 c) N 2 0 d) N 0 2 e) N2O4 f) NO g) N 0 2 

7 . Expalin why the effectiveness of overlap of the carbon atom 

with the hydrogen Is orbital increases as the hybridization 

2 3 

employed changes form sp to sp to sp , 
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8 < Iodine and fluorine form a series of interhalogen molecules 
and ions % 

IF 3 , IF 4 , IF 5 , IFg and IF 7 . 

Identify the type of hybridization employed by the iodine atom in 
each case. Predict the shapes of the molecules / ions. 

9. For each of the following compounds indicate whether the 
molecule will be polar or nonpolar. 

a) CCI 4 b) F 2 O c) H 2 S d) AICI 3 e) CHCl 3 f) ClCH=CHCl 
g) CR 3 OH h) NH 3 

In the case of the polar molecules among the above show the positive 
and negative ends of the molecule. 



10. From the data given below, calculate the percent ionic 
character for the following 
a) HF b) HI c) NO d) NaCl 


species 1 

h (D) 

Bond distance (A) 

HF 

1.80 

0.917 

HI 

0.38 

1.610 

NO 

0.10 

1.150 

NaCl 

9.00 

2.360 

(molecule in 



vapour phase) 
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11. Predict which of the following la likely to be soluble in 
i) water ii) benzene iii) both iv) neither. 

a) KCl b) C 2 H 6 c) HCHO d) CCI 4 e) CM 3 OH £) diamond 

12. Draw the canonical forms for the following 

a) NO 2 b) HCOO~ c) CH 2 N 2 d) so 3 e> co 3 f) CH 3 COO 

13. Construct an orbital energy level diagram for P 2 

14. Draw orbital energy level diagrams for 03 and On. How would 
you expect the bond lengths and dissociation energies of these 
ions to differ from those of 03 ? 

15. Use the orbital energy level diagram for No to find the bond 

■j- — , . • 

orders of N 2 and N 2 * How would you expect the dissociation 
energies of these ions to compare with that of N 2 ? Will either 
or both of them be paramagnetic ? 
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CHAPTER 2 


BONDING IN LIQUIDS AND SOLIDS 

Introduction: 

In the previous lessons we have gained an insight into the 
microscopic world of atoms and molecules. The atoms and molecules 
are the fundamental structural units from which all matter is 
built. Matter as it exists in nature is an aggregation of these 
particles, specially when we consider liquids and solids. It is 
such aggregation that confers special properties to liquids' 
and solids as distingushed from gases. What forces hold the 
particles together in these aggregates ? This is the fundamental 
question to be answered if one has to explain the properties of 
matter in the condensed state. The observed properties we are 
concerned with are properties like viscosities, vapour pressures, 
boiling points, melting points, colour, type of crystals, 
solubilities and so on, apart from the chemical characteristics. 

From our understanding of the structures of atoms and molecules, 
it is reasonable to expect that Lhe forces that operate among the 
particles in the condensed state should depend upon the 
structures of these particles. In other words, we expect that the 
interparticulate forces giving rise to solids and liquids should 
have their origin in the intraparticulate forces in the atoms and 
molecules. A description of this relationship is the subject 
natter of this lesson. We will be dealing with a variety of 
intermolecular forces like van der Waals forces. Hydrogen 
bonding, Ionic bonding, Metallic bonding and so on. 

/ 

The above forces tend to hold the particles together leading to a 
state of low potential energy. At the same time, the particles 
have a natural kinetic energy, which tends to move them away from 
one another. In the gaseous state, the particles are far apart 
and the principal feature of the gaseous state is the kinetic 
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energy of the particles. In the solid state, -he particles are 
very close to one another, with practically no notion allowed 
except for a slight vibration about their mean positions in the 
crystal lattice. The liquid state represents an intermediate 
situation. The arrangement provides enough apace between the 
particles to make the liquids more compressible than solids. The 
strength of the intermolecular forces is sufficient to maintain 
them in the liquid state but not enough to provide rigidity rind 
def.nite shape. The particles do have a certain freedom of motion. 
This can explain why diffusion is a greater possibility in 
liquids than in solids, though not as much as in gases. The 
liquid can be regarded as a collection of mutually interacting 
particles with some freedom of motion, while solids differ from 
liquids in the sense that the particles have little freedom of 
notion. 

2.1; Solids distinguished from liquids; 

On a macroscopic scale solids are distinguished from liquids in 
that they have defnite shape and rigidity, whereas liquids tend 
to assume the shape of the container. In terns of microscopic 
picture, liquids are characterised by nobility of the 
constituents while in solids the constituent particles remain 
confined to relative positions on an average. The most important 
feature that distinguishes solids from liquids is the existence 
of long-range-orderi.e., repetitive spatial arrangement. Such 
arrangement is absent in liquids. A true crystalline state has 
long-range order whereas amorphous solids like glass, rubber 
.etc., lack this repeating order. These amorphous materials have 
only local order over very short distance i.e., they have short- 
range-order. On this basis it is convenient to classify solids as 
crystalline (those with long range order) and amorphous (those 

with short range order). Sometimes amorphous solids are also 
called pseudo solids. 
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2.2: Origin of intermolecular forces in liquids: 

i 

As mentioned earlier, the intermolecular forces are in a way 
related to intramolecular forces, i.e., the type of bonding 
within the molecules. These intramolecular forces arise from the 
electrical charges present within the atoms or molecules. From 
our understanding of the quantum .mechanical model of the atoms 
and molecules, we consider the probability of electrons being, in 
a certain region at a given instant of time. In this charge-cloud 
model, the atoms like helium or neon have a central positive- 
charge being symmetrically surrounded by an equal number of 
negative charges. Since atoms are not rigid and are always on the 
move, an atom of helium or neon may collide with another 
resulting in the shift of the charge-cloud with respect to the 
nucleus. In other words it is possible that the charge-cloud 
oscillates - an instantaneous shi^t of electrons towards one 
region of atom or molecule. Thus an instantaneous dipole is 
formed (Fig.l). This effect is cooperatively induced in 
neighbouring atoms leading to the formation of new dipoles. Since 
it is an induction process the dipole so formed is called an 
induced dipole. Such dipoles collectively provide an 
intermolecular force of attraction. 

These forces are commonly called London dispersion forces. They 
provide the glue that binds neutral atoms or molecules to one 
another as in liquid helium or liquid oxygen. Further, the ease 
with which the electron cloud can be distorted (polarizability) 
increases with increase in number of electrons in an atom or 
molecule. This, is in a general way related to the size of the 
particles. Therefore London dispersion forces are found to be 
stronger between heavier atoms or molecules. 

In some cases the molecules may have a permanent dipole 
character. This would lead to the attraction of negative ends of 
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Fig -1 Instantaneously induced dipole interaction. 


Table l Types of Molecular Interaction 


Type of Force 

Nature of Force 


Repulsive 

The contact of the 
orbitals of molecules 
give rise to strong 
repulsive force. 


Dipole dipole 
attraction 

Oppositely charged 
centers ol polar mole¬ 
cules cause attraction 
between molecules. 


Dipole-induced 
dipole attrac¬ 
tion 

Charge centerof a , 
dipole molecule attracts 
electrons of nonpolar 
molecule. 


Instantaneous- 
induced dipole 
attraction 

Attraction between nuclei 
of molecules lor electrons 
of other molecules. 


Hydrop.cn 

Bonds 

Strong dipole dipole 
attraction between 

1 hydrogens of one molecule 
j and highly electronegative 
j atoms (F. 0. N) of other 









the polar molecules towards positive ends of adjacent polar 
m cules and vice versa. Tvese dipole-dipole interactions are 
£■ ad in many polar liquid 

- i 

Another type of interaction may occur in a mixture of polar and 
non-polar molecules. The positive end of a polar molecule will 
attract the electron cloud of a neighbouring non-polar molecule 
towards it, inducing a temporary dipole in the non-polar 
molecule. This is called dipole-induced dipole interaction. 

The interactions -escribed so far are attractive in nature. 
However repulsive interactions are also possible between atoms or 
molecules when they approach too close. Table 1 provides the list 
of various interactions discussed. 


E.l. Arrange the following molecules in the order of increasing 
interroolecular interactions in their liquid state : 

Cl 2* H2' an ^ ^2* 

Assuming that all intermolecular interactions are London type, 
the increase in the strength of the interactions would follow in 
the order of increasing molecular weights. H 2 1 N 2 > ^2* c ^2• 

E.2. Neopentane and normal pentane have the same molecular 
formula: £ 5 ^ 12 * T ^ e molecular structures are as Bhown below: 


H 

I 

II <: II. 



Predict which of the two can be liquefied more easily. 


The conpact and more symmetrical neopentane is -not as easily 
polarizable as the long-chain elongated n-pentane and hence the 
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latter can be more easily liquefied than the Horner 



Ql. Predict the type of interroolecular forces found in each of 
the following aubstances:CCl 4 # O 3 , CO 2 and HCl. 

Q2. One of the following substances is a liquid at room 
temperature, whereas all the others are gaseous. Which do you 
think is the liquid ? Explain. 

CH3OH, C3H3, N2, CO. 


It is rather surprising to note that the greatest contribution to 
the intermolecular forces of attraction for most substances comes 
from London dispersion forces. This is even so for substances 
which have permanent dipoles. In London dispersion forces the 
molecule as a whole is involved whereas in dipole-dipole 
interactions dipolar portions of the molecules are involved. The 
dipole-dipole interactions are considerably decreased with 
increase in temperature. On the other hand rise in temperature 
has no effect on the strength of London dispersion forces. This 

I 

is because, a new dipole will be instantaneously induced though 
thermal agitation tends to push the molecules apart. The 
instantaneously induced dipole maintains the strength of the 
attractive force. 


2.3: Hydrogen bonding: 

There are some substances like H 2 0, NH 3 , HP etc. in which dipole- 
dipole interactions play a major role and these unusual 
interactions involving hydrogen are described as Hydrogen Bond, 
These bonds arise when hydrogen is bonded with highly 
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Fig-2 The crystal structure of ice. 
Oxygen atoms are located in hexagonal 
rings arranged in layers. Positions 
available to the hydrogen atoms lie 
between pairs of oxygen atoms 
closer to one than to the other. This 
characteristic pattern is revealed 
at the macroscopic level in the hexa~ 
gonal shapes of snowflakes 



electronegative atoms like F, 0, ot N. Hydrogen has no inner 
electrons and hence shielding effect is absent. The bonds 

therefore are highly polar. This would give rise to strong 

electrostatic attractive forces operating between the molecules. 
The role of hydrogen bonding in maintaining the structures of 

biologically important molecules is very significant and it is 

not an overemphasis to state that hydrogen bonding makes life 
possible. Extensive hydrogen bonding is possible in liquid water 
involving a large number of molecules. Fig.2 shows that every 
water molecule is tetrahedrally bonded with four other molecules 
through hydrogen bonds in ice. Thus water molecules are held in a 
rigid but- an open structure; As the solid nelts, 'some .of the 
hydrogen bonds are broken, yet majority of them still persist. 
The low heat of vapourisation of ice (^6.02 kJ/mol> is an 
evidence for retaining large number of hydrogen bonds above its 
melting point. When ice melts, the ordered open structure yields 

to disordered closely packed arrangement of water molecules. This 

% 

explains the fact that liquid water is denser than ice. If liquid 
water is heated above 0°C, initially the density further 
increases as more and more hydrogen bonds are broken, resulting 
in further packing in of water molecules. At 3.98°C the liquid 
has its maximum density. With further rise in temperature the 
density decreases in a normal manner. 

Those liquids in which hydrogen bonding occurs experience 
stronger intermolecular forces of attraction. Generally such 
liquids have high heats of vapourisation. In certain other 
liquids like acetic acid, molecules exist as dimers in liquid as 
.well as vapour states. Vapourisation of acetic acid involves 
breaking of only a few of the hydrogen bonds. 

The bond dissociation energy associated with hydrogen bond is 
about 17 kJ/mol, which is intermediate between the normal 
chemical bond ( 200 kJ/mol) and weak van der Waal's interactions 
(<-^5 kJ/mol). Hydrogen bonds have just the right type of energy 
requirement involved in biochemical processes. Due to the 
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relative ease with which they can be broken and reformed, 
hydrogen bonds play a significant role in biochemical reactions 
involving complex structures like DNA and protein molecules. 
They are responsible for maintaining the structure of molecules 
of biological importance. 

* 

E.3. For each of the following substances indicate whether you 
would expect the principal intermolecular forces to be of the 
London type, dipole-dipole interactions or Hydrogen bonding ? 

HC1, ICl, Br 2 and HF, 

HCl - dipole-dipole 

ICl - dipole-dipole 

Br 2 - London type 

HF - Hydrogen bonding 

I 

E.4. The boiling point of ethylene glycol (CH 2 OH-CH 2 OH) is 196°C 
while that of ethanol (C 2 H 5 OH) is much lower i.e., 79°C. Assign 
reason. 

There are twice as many hydrogen bonds to be broken per molecule 
of ethylene glycol than that of ethanol in the conversion of the 
liquid to gaseous state. 

E.5. Although HF has higher dipole moment than H 2 0, water has a 
higher freezing point <0”C) than HF (-83°C). Explain. 

In HF attraction leads to joining of one HF molecule to not more 
than two other polar molecules by hydrogen bonds. However 
geometric considerations indicate that water molecule can form 
hydrogen bonds with as many as four other water molecules. Water 
molecules pack in more closely in ice than HF in solid phase. 
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Q. 3 . Why doeant hydrogen bonding occur between molecules of CH4 ? 


Q. 4 . In some cases a hydrogen bond can be formed within a single 
molecule. This is called intramolecular hydrogen bond. In which 
of the following compounds do you expect intramolecular hydrogen 
bonding ? 

C2H6, CH3CH2OH, CH3COOH and 0-C5H4(OH)COOH* 


2.4 Evidences for intermolecular forces of attraction in liquids: 

Based on the nature of various internelecular forces that hold 
matter in the liquid state, we shall correlate the macroscopic 
properties with the microscopic model that we have developed. 
Each of the observed physical properties provides an evidence for 
the existence of intermolecular forces of attraction. 

Liquefaction: 

The fact that almost all gases can be liquefied under certain 
conditions of pressure and temperature provides a direct evidence 
for the presence of intermolecular forces of attraction. As the 
pressure is increased the gas molecules come closer and 
attractive forces overtake thermal motion resulting in the 
liquefaction of gases. Even noble gases can be liquefied at very 
.low temperatures indicating that weak van der Waal's interactions 
become more important than thermal agitations at such low 
temperatures. 

Boiling points of liquids: 

In liquid state molecules have lower potential energy compared to 
gaseous state. The boiling points of various liquids should 
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Fig. 3 Boil¬ 
ing points of 
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stances plotted 
against total 
nuclear charge 
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generally provide a measure of the magnitude of intermolecular 
attractive forces. 

Liquids with higher boiling points should have greater 
intermolecular forces of attraction than low boiling liquids. A 
look at the trend in the boiling points of some of the liquids 
plotted against their nuclear charges (Fig.3.) gives an 
indication of the nature of the intermolecular forces. A coherent 
picture emerges out when more fundamental properties like size of 
the atoms involved in the molecule, shapes of the molecules, 
electron affinities of the atoms and polar character of molecules 
are considered in explaining the magnitude of the intermolecular 
attractive forces while . correlating boiling point trends in 
various substances. For example boiling points are generally 
found to increase with increasing nuclear charge of molecules. An 
increase in nuclear charge implies an increase in the number of 
electrons, which means an increase in the size of the molecules. 
The electron charge-clouds can easily be distorted as the nucleus 
is farther from the charge-cloud. Therefore such molecules, can 
experience greater London dispersion forces. 


The shapes of molecules also show a significant effect on boiling 
point . trends. The more symmetric atoms or molecules like noble 
gases and hydrides (CH 4 , SiH 4 etc.) show generally low boiling 
points. In these cases it is difficult to distort the electron 
cloud to induce a dipole. However tetrahydrides have higher 
boiling points than noble gases. It is expected since the 
tetrahydride molecules have five nuclei per molecule with 

tetrahedral distribution, which facilitates easy distortion of 
the charge cloud in comparison to noble gases where greater 
central nuclear charge can tightly hold the electrons making it* 
difficult to distort the cloud. In substances like hydrogen 
halides the boiling points are expected to be below the 
corresponding tetrahydrides if nuclear charge alone is to be 
considered to be responsible for the strength of attractive 
forces. However in hydrogen halides, molecules have permanent 
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Fig. 4 Molar heats 
of vaporization of some 
substances plotted 
against the total nuclear 
charge of a molecule 
of the substance. 




Fig. 5 Boiling points and heats of vaporization of some substances. 



dipole character due to the di fference in the electr^ru-gufivit iea 
between hydrogen and halogens. The collective effect of permanent 
dipole-dipole and temporarily created dipole' interactions should 
be responsible for the b-i.jher boiling points in hydrogen halides. 
These convincing correlations of boiling points with molecular 
structures point out an interrelationship between internolecular 
forces and intramolecular bonding characteristics. 


Heat of Vapourisation 


The heats of vapourisation of various liquids plotted againat 
total nuclear charge per molecule (Fig.4.) indicates a trend 
which is very much similar to the boiling point correlations. 
This relationship can be further supported from observed straight 
line plots of Heats of vapourisation vs. boiling points. With the 
exception of a few substances like water, HF and Bri most of the 
substances fall on the straight line,(Fig.5) 

Evaporation 


A low bulling liquid kept in an open vessel will eventually 
evaporate completely though its temperature is paint.iine< 
constant. Ke 'cnos^that the molecules are held together in the loi 
potential energy liquid state by attractive forces. How can »», 
of then escape as vapour ? The answer to this is in the £aol 
that the molecules in the liquid are in a state of thermal motioi 
a so. The Maxwell-Boltzmann law suggests that there is . 
distribution of kinetic energy among the molecules chareeteristi. 
of the temperature. Each temperature is characterised by , 
certain average kinetic energy of molecules. This implies that i, 
a large collection of molecules there will be some with enougl 
kinetic energy to overcome the force of attraction, when them 
molecules reach the surface cf the liquid they escape into th, 
vapour Phase. This is the process of evaporation. since th. 
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FIGURE 6 

Establishing liquid-vapor equilibrium at constant 
tempers lure. 


■olecula uwkrjoinf vaporisation 
■oleeuki imdaromc eoniemtion 



(*> W (e) 


(a) A liquid is allowed to evaporate into a closed vapor 
volume. Initially only vaporization occurs, 

(b) Condensation begins, However, because molecules 
ire evaporating at a faster rate than they are condens¬ 
ing, the number of molecules in the vapor state contin¬ 
ues to increase, 

(c) The rate of condensation baa become equal to the 
rale of vaporization. Dynamic equilibrium is estab¬ 
lished, The number of molecules present in the vapor 
stale remains constant over time, as does the preKure 
exerted by the vapor. 


vessel is v.pen to the atmosphere t he molecules m the vapour are 
Hwept away from the vessel and more molecule fr-.n the liquid can 
escape into the vapour. As * his process continues evaporation 
becomes complete. This i.Vould, in principle, barren in the case 
of any liquid. But in the case of a high boiling liquid the 
intermolecular forces of attraction are r«t‘,*-r string. The 
fraction of the total number of molecules which possess enough 
kinetic energy to overcome this is snail. Therefore ether 
evaporates more easily than, for instance, wafer. 


Vapour pressure: 

We have learnt that if a liquid is allowed t ••vqurute :n an 
open container, the process cunt imi*<H until , i*■ h»* 1 a ju id is 
vapourised. On the other hand consider a lijj.l in a 'hosed 
container as shown in Fig,6. In this condi* n :» 'h v<. lune of 
vapour is confined and the molecules entering the .q»«ur phase 
cannot escape from the. container. Initially r.iy ni tpa tt em 
occurs <Fiy.6d), but as more and more molecule's -.-n»er the vapour 
phase, some of the vapour molecules during *. he»r r *?«•!<-m motion, 
may strike the liquid. Such collisions can result m the reentry 
of vapour molecules into the liquid state IFig.-h’. This process 
is the reverse of evaporation and is called • ien .nation. The 
rate of condensation should depend on the ■ rat ion of 

molecules (number of molecules per unit vo1up.'< u.d also ».n the 
area of contact between l iquid and vapour. Th»u.-f. ; in a ohmed 
container the evaporation and condensation eet-ur -ao.u 11,tne>.<us l y . 
Since both the processes occur in nppusit ien t a.e .m«*the»" f .1 
state is reached at which the rate of ovapnrat _ n lee tines equal 
to the rate of condensation (Fiy.c). At, this o r.-i: t ion the two 
processes are acting in equal and opposite manner and this is 
called a state of dynamic equilibrium. The tern dynamic indicates 
the fact that the processes are occurring continuously while the 
term equilibrium suggests that the rates of the processes have 
become equal. 
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The concept of dynamic equilibrium is very important in 
chemistry. When a state of dynamic equilibrium exists in a 
system, there is no apparent change noticed in the system 
although molecular level changes occur simultaneously in both the 
directions at the same rate. Thus when once the dynamic 
equilibrium is established in a closed container the relative 
amounts of liquid aiid vapour remain constant at a given 
temperature. Although the amount of liquid that evaporates 
depends on the size of the container and the temperature, the 
number of molecules per unit volume in the vapour state remains 
constant at a given temperature. The pressure exerted by the 
vapour in dynamic equilibrium with the liquid is a characteristic 
pressure of the liquid at that temperature; it is called vapour 
pressure. The magnitudes of vapour pressures of various liquids 
differ widely at a given temperature. The liquids with high 
vapour pressures are said to be more volatile than those which 
exert low vapour pressures. Thus a more volatile liquid like 
diethylether exerts more vapour pressure at 25°C than that of the 
less volatile water. 

The tendency of the liquid molecules to vapourise should be 
related to intermolecular forces of attraction. Therefore the 
liquids with greater intermolecular forces of attraction should 
exert lower vapour pressures. The stronger dipole-dipole 
interactions between water molecules in liquid state are 
responsible for lower vapour pressure exerted by it at «■ given 
temperature. 

E.6. Arrange the following liquids in order of increasing boiling 
points : CH4, CCI4, CI4, CBr 4 , CF4. 

CH 4 , CF4. CC 1 4 , CBr 4 , Cl4 


E. 7 . Why is it preferable to use liquid propane (C3H0} as bottled 
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gas instead of liquid butane (C 4 H^q) in cold climates ? 

Since propane has lower molecular weight than butane, the 
intermolecular I oes of attraction are less in propane compared 
to butane. Thus propane is more volatile than butane and hence is 
preferred in cold climates. 

E.8. The dipole moment of the common solvent methylene chloride, 
CH 2 CI 2 is greater than the dipole moment of CH 2 Br 2 .. But the 
boiling point of CH 2 CI 2 (40°C) is lower than the boiling point of 
CH23r2 (97°C). Explain this observation about the relative 
boiling points. 

Although CK 2 CI 2 has higher dipole moment than CHoBro, along with 
dipole-dipole interactions, London dispersion forces are still 
very much significant. Their magnitude increases with increase in 
the molecular weight. Therefore CH 2 Br 2 being the heavier 
molecule, experiences greater forces of attraction than CrHCH. 


E.9. Which of the following compounds is expected to have higher 
boiling points ? 



X 


H 


Cl 




CA1 


re.a 


Both compounds have the same molecular weight. But compound A is 
non-polar, while B is polar. The polar liquid should shew higher 
boiling point than the non-polar liquid. 


E.10. The normal boiling points for CC> 2 r CS 2 and CSe 2 are: 

—78.5°C (sublimes), 46.3°C and 125°C, respectively. Explain the 
difference in their boiling points. 
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Van der Waal's forces increase from CO 2 to .CSo to CSej' as seen 
from the trend in the boiling points* Polarizability increases 
from oxygen to sulphur to selenium as the valence electrons are 
farther from the nuclei and are thus held more loosely leading to 
easy distortion of charge-clouds. Thus the boiling points 
increase from CO 2 to CSe 2 - 


Q5< Account for the following observations! a) the boiling point 
of CH 3 CH 2 CH 3 (-42.2°C) is higher than that of CH 3 CH 3 (- 88 . 6 °C), 

b) the boiling point of CH 3 CH 2 CH 2 CH 3 (-0.5°C) is higher than that 
of CH 3 -CH-CH 3 (-12°C). 

CH 3 


Q 6 . Which of the following factors would you expect to affect the 
vapour pressure of a liquid ? Explain. 

a) Intermolecular forces in a liquid 

b) Volume of the liquid in the liquid-vapour equilibrium 

c) The size of the container in which the liquid-vapour 
equilibrium is established. 

d) The temperature of the liquid. 


Viscosity 

The attractive forces which provide a glue to hold the collection 

of molecules also influence the flow of molecules as an 

aggregate. Simultaneously the very same attractive forces cause 
an internal resistance to free flow between the layers of the 

liquid. This internal resistance offered to the free flow of 

liquid molecules is called viscosity. Some liquids like acetone 
and ether have very low viscosities while others like oil and 
glycerol are more viscous i.e. they do not flow readily. The 
viscosity of a liquid depends on size, shape and intramolecular 

83 


bonding characters which in turn reflect the strengths of 
intermolecular forces* In other words viscosity depends on the 
attractive forces between molecules and on whether there are 
structural features that permit the easy flow of molecules. For 
example, globular molecules offer less resistance to the free 
flow than rod like molecules. Viscosity of liquids generally 
increase’s with decrease in temperature suggesting that at low 
temperature attractive forces dominate over kinetic energies of 
the particles. 

Surface tension 

Another important property of liquids that results directly from 
intermolecular forces is surface tension. The molecules in the 
interior portion of a liquid experience a balanced force of 
attraction in all directions. However, the molecules at the 
surface experience an unbalanced force as there are no molecules 
above the surface to exert the force of attraction. This 'would 
result in a net inward pull, drawing the molecules towards the 
interior of the liquid. Consequently the surface of the liquid ■ 
behaves like a stretched membrane and the tension developed is 
called ’surface tension’ of the liquid. The existence of surface 
tension implies that a liquid always tries to have a minimum 
surface area, which is responsible for the formation of spherical 
drops whenever a liquid is allowed to fall freely. 

Whether a liquid drop can maintain a spherical shape on a given 
surface or not is decided by the relative strengths of two types 
of forces namely cohesive and adhesive. The intermolecular forces 
within the drop i.e. between like molecules are called ’cohesive 
forces , while the forces between unlike molecules i.e. between 
.the liquid and molecules of the surface which the liquid is in 
contact are called adhesive forces’. If the adhesive forces 
dominate over cohesive forces the liquid wets the surface, and 
spreads on it;, otherwise the drop maintains its spherical shape. 
For example mercury does not wet glass indicating stronger 
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cohesive forces. The ability to spread on a given surface is 
very important for a liquid if it has to be used as a cleaning 
agent. Water spreads on almost all surfaces excepting a few like 
grease and oil. Addition of a detergent to water lowers the 
surface tension of water and also helps in dissolving the grease. 
The other phenomena related to surface tension are formation of a 
meniscus in a column of a liquid and capillary rise of a liquid. 

Generally surface tension decreases with increase in temperature. 
This is attributed to weakening of mtermolecular forces of 
attraction due to enhanced thermal motion of molecules. 


2.5: Solid state: 

The description of liquid state or( a microscopic scale as «n 
aggregate of mutually interacting particles with thermal motions 
appears to be good enough to explain almost all macroscopic 
properties of liquids. Lowering of temperature of liquids results 
in attractive forces dominating over the kinetic forces to an 
extent that molecules begin to occupy relatively fixed positions 
in space. At the point of solidification the molecules are 
arranged in a defnite three dimensional pattern occupying fixed 
relative spatial positions, However, the particles are not at 
absolute rest. They still possess some average kinetic energy 
ie., they are vibrating about their mean positions. As in gases 
or liquids, the kinetic energy of the particles in solid is also 
directly proportional to the absolute temperature. Therefore when 
a solid is heated the kinetic, energy of the particles increases 
and they break away from their fixed positions and form a liquid. 
This occurs at a defnite temperature called the melting point of 
the solid. 

As mentioned earlier, crystalline state or true solid Btate is 
characterised by a periodic arrangement of constituents in three 
dimension — called 'crystal lattice*. A crystal lattice is 
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TABLE 2 THE SEVEN CRYSTAL SYSTEMS AND 14 BRAVAIS 
LATTICES 

Cryilil System ^Unit-Cell Dimaslott uvI Ragles J Bmwib Lattice 


Cubic 

0 k b ® f , 4 * ^ * } « 90 

i 

Simple 

Body-ctmered 

faccccnscrcd 

Orthorhombic 

u t b f c ; 0 * (1 * y «■ (w 

Simple 

Bod) centered 

End-cemcrtd 

Facc-cemcred 

Tcirugonal 

a * b + i; 3 »■ /I * ;■ - 90 

Simple 

Bod)-centered 

Monoclinic 

a t b t <; a * ]'• 90 ^/l 

Simple 

End-Ctr.icred 

^hombohedra! 

Q*b*r;a*0»i#9O 

Simple 

Triclinic 

?*90 

Simple 

Hexagonal 

o »b ^ r; o a 0 ® 90 ; y* 120 

Simple 




generated by repeating a simple unit of structure in . all the 
three directions. This simple repeating structural unit is 
characteristic of a given lattice and is called ’unit cell' of 
the crystalt Fig,7) . Unit cell is a fundamental structural unit 
a building block and the repetition of this in three dimensions 
generates the macroscopic crystal. The unit cell is characterised 
by the distance between the adjacent points along the three axes 
in the cell and the angles between the axes. On this basis the 
unit cells are classified into seven crystal systems. C Table 2.) 

A primitive unit cell has an atom or ion only at its corners. 
From the seven primitive unit cells, totally 14 Bravais lattices 
can be generated when atoms or ions occupy faces, edges or the 
centres of the unit cell (Fig.8)Thus a cubic unit cell has three 
Bravais lattices - a primitive simple cube, a body-centred cube 
and a facercentred cube. Depending on crystallisation conditions, 
crystals may grow into different sizes and shapes. However the 
sizes and shapes are not true representatives of crystal system, 
but the faces and angles are.The arrangement of particles in the 
crystal lattice is governed by the nature of particles and the 
type of intermolecular forces between the particles. Based on the 
nature of bonding, solids can be classified as : 

i) Covalent 

\ 

ii) Molecular 

iii) Hydrogen bonded 

iv) Ionic 

v) Metallic 

It is possible to use the macroscopic behaviour of solid as a 
diagnostic device for inferring its bond type. Thus covalent 
network crystals like silicon or diamond are very hard and have 
high melting points, while non-polar molecular crystals like 
solid hydrogen or solid C0 2 are soft and have very low melting 
points. However the classification of solids presented above is 
idealised and many solids may not fit into this classification 
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precisely. For example, graphite is intermediate between nonpolar 
molecular and covalent network solids with properties also 
intermediate between bond types. 


2.6: Covalent network solids: 

You are already acquainted with how covalent bonds are formed 
within the individual molecules. These covalent bonds can in some 
cases be extended throughout the aggregation of molecules forming 
a giant molecule in the form of a crystal. When such a crystal is 
formed it is not possible to distinguish between intra and inter 
molecular forces since the entire solid is held by strong 
covalent bonds. 

j 

If we consider Lewis electron dot structure for carbon,( Fig . 9.a) , 
it suggests that an unlimited number of carbon atoms can be 
covalently bonded leading to the formation of a giant molecule. 
Fig.9b indicates that each carbon atom is bonded to four others 
tetrahedral ly. The carbon atoms labelled as 1,2,3 and 5 describe 
a tetrahedron with atom 4 located at the centre of the 
tetrahedron. The atoms shown as 1,4,2,6,7 and 8 form a nonplanar 
hexagonal arrangnent. Fig.9. shows that the unit cell of diamond 
is a face-centred cube with four additional carbon atoms arranged 
in a tetrahedron. 

Diamond is the hardest natural substance with very high melting 
point < above 3500°C). It does not conduct heat and electricity. 
All these properties reflect the strength of network covalent 
bonding. In the diamond structure, if half the number of carbon 
atoms are replaced by silicon, the resulting structure is called 
carborundum, silicon carbide (SiC). It has almost similar 
properties as diamond. 

Silicates: 
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Fig .9 

Tli ir dbitionj ^tru^furi'. 





<10 

a) A portion of the Levis 
structure. 

b) Crystal structure of 
diamond. Each carbon atom 
is bonded to four others 
in a tetrahedral fashion. 
The segment of the entire 
crystal shown here is 
called a unit cell.' 





Silicates: 

Like carbon, silicon atom can form four bonds tetrahedrally 

arranged. In silica, Si02, each silicon atom is bonded to four 

oxygen atoms and each oxygen atom is bonded to two silicon atoms 

(Fig.ID). In silicates the main structural unit is SiO^ (Fig.11) 

and this unit can be arranged into chains, rings, sheets 

(Fig. 12a,b,c) ai Lh.ce dimensional networks as in Si02« It is 

interesting to note that, in silica, discrete molecules of SiOo 

cannot exist as in solid COn. Being large in size silicon atom 

cannot effectively form a bond through parallel overlap of one. 

of its 3p orbitals with 2p orbital of an oxygen atom. Silica in 

the form of quartz is obtained when the four corners of the 
2 - 

SiC>4 tetrahedron are shared and extended into a three 
dimensional network. Like diamond, and Sic, silica is very hard 
since it is difficult to break the network of strong covalent 
bonds. Due to the localisation of electrons within covalent 
bonds, these* solids do nr.? conduct electricity. The other useful 
forms of silicates are talc and mica in which each silicate 
tetrahedron shares three of its corner oxygen atoms to make 
endless sheets. 

The graphite structure: 

Graphite structure (Fig.13) results when carbon atoms are 

arranged in flat hexagonal layers wherein each carbon atom is 

2 

covalently bonded to three other atoms involving sp“ 
hybridization. The fourth valence electron of carbon is 
delocalized perpendicular to the plane above and below the 
hexagon. The carbon-carbon bond length within the layer is 0,142 
nm, which is intermediate between single and double C-C bond 
distance indicating some multiple bond character. The strong 
covalent bonds within the layer render the graphite structure 
with very high melting point (3730*0. The bonds between the 
layers are weak van der Waal's type, since the C-C distance 
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Figure 10 



Silicon atom — carle ..cached 10 
4 oxygen alums 

Oxygen aionn - each attached IQ 
2 silicon atoms 


The mres-dimensional network of silicaie letfahedra in quartz, SiO, 


Figure 11 


The SiOj~ tetrahedron, which is the building block ol most 
silicate minerals The Si atom (black) is covalently bonded lo 
(our oxygen atoms a! the corners ol a tetrahedron (co.or] The 
black It'ias between cxygen atoms are included only to give 
lorm to the tetrahedron 
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Figure 12.a ' Long double-stranded chains ol silicale tfilrahedra are in librous minerals such as 
asbestos 


F, 9 U ™ 12. b 


A ring o! ihree leirahedra. with three oxygen 
atoms shared between pairs ol teuahedra. has 
the formula Si 3 0|" This structure occurs as the 
amon in soil, crumbly rocks such as benitone 
BaTiSi 3 0 9 




<Si,CV>2- 


Figure 12. C In tele, mica, end (he clay minerals siheate istrahedra each share three ol the' r comer 
oxygen atoms to make endless sheets All ol the unshared oxygen atoms point down in 
this drawing on the same side of the sheet 
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Pig. 13 Structural arrangement of atoms in a 
graphite crystal. The carbon atoms are arranged 
in layers 3.35 A® apart. In each layer the car¬ 
bon atoms are arranged in regular hexagons in 
which each C-C distance is 1.42 A° 
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Formation ot the * bonds in graphite. 


between layers is 0.335 nm. The unique bonding characteristics of 
graphite can be directly correlated with its distinctive 
properties. Owing to weak bonding between the layers, the layers 
can be made to glide over one another easily. This property is 
made use of in lubricants and in writing pencils. Because of its 
high melting point, graphite can be made into crucibles for 
melting metals. Due to the presence of delocalised valence p 
electrons graphite is a good conductor of electric current. 
Graphite is used as electrode in batteries. 


Q8. Explain in terms of structure and bonding in diamond and 
graphite, why : 

i) diamond is denser than graphite 

ii) diamond is used in drill bits whereas graphite is used as 
lubricant 

iii) diamond has larger heat of combustion than graphite. 

Q9. What intramolecular and intermolecular forces hold solid 
sulphur together ? Recall that sulphur forms Sq molecules. 


2.7: Molecular solids: 

\ 

I 

In this type of solids discrete molecules are held together by 
weak van der Waal's forces while bonding within the molecule is 
covalent. Molecules like N 2 , Cl 2 , 0 2 , H 2 0, I 2 , naphthalene, 
sucrose etc., form molecular solids. The packing of molecules in 
the crystal is sometimes complex, depending on size and polarity 
of the molecules and the ability to form hydrogen bonds between 
molecules. For example, non-polar iodine molecules crystallise in 
face-centred cubic lattice. Since only weak van der Waal's 
interactions are responsible for providing the glue between the 
molecules, the molecular solids are soft and low melting. The 
molecular solids do not contain either delocalised electrons or 
ions. Therefore they do not conduct electricity. 
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Van der Waal's forces generally increase with increase in size of 
atoms or molecules. With increase in size the outer electrons ar - ® 
more loosely bound resulting in larger instantaneous and induced 
dipoles leading to greater attractive forces between molecules - 
This is reflected in the trends in the melting points of Cl 2 , Br2 
and I 2 which are 172K, 266K, and 386K respectively. In molecular 
solids where hydrogen bonding is possible as in H 2 0, H 2 S, H 2 Se 
and H 2 Te, the trend in melting points are governed by the ability 
to form a number of hydrogen bonds in addition to size 
consideration. Since H 2 0 can form exceptionally large numbers of 
hydrogen bonds in solid state, compared to H 2 S, H 2 Se and H 2 Te, 
its melting point is also relatively high. However, solid ammonia 
melts at lower temperature than ice. This is due to weak hydrogen 
bonding in NH 3 compared to H 2 0. The reason for this is that 
nitrogen is less electronegative than oxygen. 

The solubility behaviour of molecular solids is also governed by 
the nature of intermolecular forces. For example, a non-polar 
molecular solid like iodine is insoluble in a polar solvent like 
water. The strength of attractive interactions between water 
molecules is far greater than between iodine molecules or between 
water and iodine molecules. Moreover there is little tendency for 
water molecules to solvate uncharged iodine molecules . 
Consequently iodine molecules cannot enter into the structure of 
water molecules. On the other hand, iodine is soluble in a non¬ 
polar solvent like benzene or carbon tetrachloride wherein 
attractive forces between benzene-benzene, benzene-iodine and 
iodine-iodine molecules are comparable.- 


Q10. Solid carbon dioxide behaves as a molecular solid (it is 
easily compressible and sublimes at 195K), whereas solid Si (>2 
(quartz) is a nonmetal lie network solid (it is very hard and haLs 
a melting point of 1883K) . What conclusion can be drawn about the 
relative strengths of sigma and pi-bonds in the molecular species 
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CC >2 and Si02 ? 


2.8: Ionic solids: 

When atoms with large electronegativity differences are brought 
closer to one another, electrons are transferred from atoms of 
lov electronegativity to those of high electronegativity 
resulting in strong electrostatic forces of attraction between 
oppositely charged ions. The electric force which binds ions 
together is recognised as electrovalent or ionic bond. Thus ionic 
crystals are formed by an infinite array of oppositely charged 
ions. This arrangement of ions in the crystal structure is such 
that each ion will have nearest-neighbours of opposite charge. 
Such an arrangement results in a structure with low potential 
energy while arrangements in which like charges lie nearer 
correspond to high potential energies. Of all the arrangements 
the one with the lowest potential energy is the nost stable. 

The strength of attractive forces that operate between the ions 
in the crystal is measured by a property called 'lattice energy' . 
It may be defined as the amount of energy required for complete 
separation of ions in one mole of a compound. The lattice energy 
of a crystal depends on factors like type of crystal structure, 
charge on the ions and size of the ions. Melting points of ionic 
solids are directly related to the lattice energy. 

2.9: Factors governing packing of ions in crystal structure: 

As mentioned before, one of the important conditions to be 
satisfied when ions are arranged in a lattice is that the 
potential energy should be minimum. Does it imply that a closest- 
packed structure of equal number of oppositely charged ions 
should lead to a minimum in potential energy ? You will learn 
that in a closest-packed structure of identical particles, the 
coordination number (or the number of nearest-neighbours) is 12. 


91 



Thus each central positive ion is effectively coming in contact 
with 12 ions of negative charge. In such an arrangement, no 
doubt, the central positive ion is effectively prevented from 
coming in contact with ions of the same charge. But the structure 
leads to an arrangement in which each of the negative ions is in 
contact with four other negative ions. Thus the lowering of 
potential energy achieved by having 12 oppositely charged nearest 
neighbours is offset by an increase in potential energy resulting 
from placing ions of like charges in contact. Therefore no ionic 
solids form closest-packed structures i.e. with coordination 
number 12. On the other hand metals can form closest-packed 
structures. Apart from energy consideration, sizes of ions 
involved also play a role in deciding the type of crystal 
£. ructure. For example, CsCl forms a body-centred cubic lattice 
\ nile NaCl crystallises into a face-centred cube. Generally 
.inions form the lattice and cationb fit into the voids (holes 5 
created by the anions. Thus, which arrangement is suitable for 
given ions is decided by the relative sizes of both cations and 
anions, in addition to other factors. 

It is customary to express the relationship between size of ions 
and the type of arrangement possible through the radius-ratio 
rule. It is the ratio of the radius of-cations to that of anions 
i.e. r c /r a . Thus for tetrahedral arrangement the ratio changes 
from 0.225 to 0.414, for octahedral (coordination number 6) the 
ratio lies between 0.414 to 0.732 and for cubic (coordination 
number 8) the ratio corresponds to greater than 0.732. These 
relationships are arrived at by constructing right angled 
triangles involving both ions. A typical calculation for 
octahedral packing is shown below (Fig.145. 

If the cation is larger than the anion, then the cations form 
close-packed arrangement into which anions fit. The radius ratio 
is now expressed as r a /r c and the resulting structures are the 
same as for r c /r a , 
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Fig.14 

Calculation of radiuB ratio for octahedral 
packing 



As shown in the above figure a cation is fitted into 
the hole created by an octahedral packing of anions. 

A right angle triangle can be constructed having sides 
equal to twice the radius of the anion t 2r^ and hypotenuse 
equal to twice the radius of the anion plus twice the 
radius of the catioon, 2r & +| 2 r c * By Pythagorean theorem 

+ = ^ 2r a + )^_ since r c and r are 

unknown, this equation cannot be solved for unique values 
of r c and r a » however, one can solve this for the ratio 
r _/r = 0.414 

C a 



As mentioned above, the radius ratio rule r c /r a is useful in 
predicting the type of arrangement possible for given ions. 
However in ionic crystals the anions are not in direct contact 
and this would result often in larger calculated values than 
expected. 

When equal number of oppositely charged ions are stacked in CsCl, 

*. h rt radius ratio 1.69/1,81 (=0.933) suggests a body-centred cubic 
lattice. Incidentally the potential energy is also low since each 
type of ion is surrounded by oppositely charged ions. In CsCl 

4 - _ 

lattice each Cs ion is surrounded by eight Cl ions and vice 
versa. Thus the coordination number of each ion is eight (Fig.15a 
and b) . 

In contrast to CsCl, the crystal of NaCl is a face-centred cube 
consistent with the radius ratio r N | /rQi = 0.95 1.81 = 0.5246. 
The coordination numbers.of both the ions are six. The actual 
unit cell of NaCl is formed by two interpenetrating face-centred 
cubic lattices. If only the Cl” are viewed as shown in Fig.16, 
the face-centred cubic lattice of. Ci” ions becomes apparent. A 
similar arrangement can also be shown by placing Na ions at the 
corners of the unit cell, 

s 

As shown in Fig.16, apparently, the unit cell of NaCl contains 

totally 27 ions, but actually the unit cell does riot, have so many 

ions. Only a fraction of ions is contributing to a given unit 

cell arid the remaining portions to the neighbouring unit cells. 

Thus each corner ion contributes l/8th portion to the unit cell. 

While each Cl” ion at the face contributes 1/2 the portion. The 

Na + ion at the edge contributes l/4th portion to the unit cell. 

This would lead to the total of (8 X 1/8 + 6 X 1/2) = 1 + 3 = 4 

/ 

Cl” ions and (12 X 1/4 +1) =3+1=4 Na ions. Thus the unit 
cell has 4 Na + ions and 4 Cl ions or four formula units of NaCl. 

Both CsCl and NaCl crystal structures provide simple models for 
ionic compounds which contain equal numbers of ions. For 
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FIGURE 15 .a 
The unit cell of cesium 
chloride. 



O -Cs* ^ = Cl~ 

The Cs + ion is in the 
center of a cube with Cl - 
ions at tlie corners. For 
clarity, only the centers 
of tile ions are shown, 
though in reality each 
Cl~ is in rniiluct with jh< : 
i'«* ion. 


FIGURE 15. b 

Apportioning atoms 
among bee unit celts. 



Eight unit cells are out¬ 
lined. For clarity, only 
the centers of two atoma 
are pictured. Our atten¬ 
tion is focused on the 
unit cell in color. The 
atom in the center of the 
cell belongs entirely ti» 
that cell. The corner 
atom is seen to be shared 
by all eight unit cells. 
Only one-eighth of the 
corner atom can bp said 
to belong to any given 
unit cell. 


FIGURE, 16 J 

The unit cell of sodium chloride. 
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order of increasing lattice energy: CaO, MgBr 2 * Csl. 

Csl < MgBr 2 < CaO 

E. 12 Since the lattice strength decreases according to the type 
of crystal structure in the following order: 

Covalent > Ionic > Metallic > Molecular. Which type of 

crystal should be hardest and have the highest melting point? 

Covalent crystals should be the hardest. The wellknown example is 
diamond with melting point above 3500 C C. 

E. 13 Would you expect KI or CaO to have the higher melt-jng 
point? 

J 

\ 

The higher lattice energy should be associated with CaO since 

'I 4 . *>_ 

Ca" and 0" are small and highly charged ions when compared to 
K + and I . Therefore Ihe expected order of melting point is El < 
CaO. The observed melting points are 677°C for KI and 2590°C for 
CaO. 

E. 14 The ionic radii of Na + and Cl are 95pm and 181pm 
respectiveIv. What is the length of an unit cell of NaCl ? 

The crystal structure of NaCl indicates that along each edge of 

— 

the unit c** ! J two Cl ions are in contact with one Na . Therefore 
the edge length should be equal to the sum of the radius of one 
Cl , the diameter of Na + and the radius pf another Cl 
i.e, the edge length = 2(Na + ) + 2(Cl )pm 

= (2x95+2x 181)pm 

= 552pm 
= 5.52A. 


E. 15 KCl has the same structure as NaCl. The length of unit cell 
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compounds with general formula MX 2 , M 2 X etc., the crystal 
structures are more complex. Fig.17 shows unit cells of several 
typical ionic solids. 

In CaF 2 (the fluorite structure) there are twice the number of F~ 

ions as Ca 2+ ions and the coordination number of Ca 2 + is eight 

and that of F is four. In rutile structure (TiC> 2 ), Ti 4+ has 

coordination number of six and 0 2 ~, three. In this structure two 
2 - 

-1 the 0 10 ns are m the interior of the unit cell and two at 
the top face and two at bottom face while Ti 4+ ions are located 
at the corners and at the centre of the unit cell. Zinc sulphide 
crystallises in two crystal forms (polymorphs): one is called 
zinc blende and the other is wurtzite - in which both cations 
and anions have the coordination number four. 

Many transition metals form varieties of oxides wi^h 
predominantly ionic bonding between metal and oxygen. Some of the 
monoxides of transition metals like FeO, NiO, ZnO have 

compositions that deviate from ideal stoichiometric ratio. This 
may happen sometimes through the loss or gain of oxygen resulting 
in excess or deficiency of metal ions, leading to the formation 
of nonstoichioraetric oxides. The solids like FeO, ZnO, NiO are 
difficult to obtain in stoichiometric compositions. All these 
solids become semiconductors when deviations from stoichiometry 
occur, otherwise they are insulators. Many oxides of transition 
metals exhibit interesting electrical and magnetic properties. 
Notable among these are spinels and perovskites. The properties 
of these oxides show sensitive dependance on the way in which the 
ions are distributed in the structure. A variety of uses are 
possible for the oxides based on these properties. For example, 
ferrites have found applications in memory devices, in magnetic 
tapes, telephones and computers. 


E. 11 Arrange the following ionic substances in the expected 
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Fluorite (CaF,) 



Figure 17 Some ol the common siruriural types Itund (or i = n, c subsiances 



zinc blende crystal 
structure. Both the zinc 
and the sulphur atoms have 
a coordination n umb er 4 





j. uc latuce. xi le 

cations form a face-centred 
cubic lattice with the 
anions at all tetrahedral 
sites. 















ia 6.28A. The density of KCl is 1*984 gro/cc and its formula 
weight is 74.55. Using this data calculate Avogadro number. 

Since KCl has the same structure as NaCl, 

the number of KCl particles per unit cell = 4. 

3 

The volume of unit cell = a 

= (6.28 x 10~ 8 cra ) 3 

-24 3 

= 247 x 10 cm . 

Density = 1.984 gra/cc. 

M = 74.55 

Weight per unit cell = Density x volume per unit cell 

=1.984 gm cm' 3 x 247 x 10 -24 cm -3 
=4.9 x 10~ 22 gm 

This corresponds to 4 particles. Therefore 
74.55 gm(formula weight of KCl) corresponds to 

(4 x 74.55) / 4.9 x 10' 22 > 

= 6.086 x 10 23 

Avagadro's number(N 0 ) = 6.086 x 10 23 


Q.ll KBr has the same structure as NaCl. The length of its unit 
cell is 6.6A and its formula weight is 119. Calculate its 
density. 

Q.12 Zinc sulphide crystallises in a cubic unit cell with the unit 
cell length 6.0A. The density of ZnS is 3.00 gra/cc anc its 
formula weight is 97.4. Calculate the number of ZnS particles per 
unit cell. What is the type of cubic unit cell ? 
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2.10: Metallic Bond: 


When you examine the'periodic table, you will notice that of all 
the elements about two-thirds are metals. They have certain 
common properties - most of them have high melting points, 
boiling points, lustre and they conduct electricity both in solid 
and molten states. They can be deformed and can be drawn into 
wires (ductility) or sheets (malleability). In contrast, ionic or 
covalent solids like sodium chloride or ice are neither malleable 
nor ductile. In fact these types of solids are brittle and they 
can be easily fractured along certain planes. How can these 
differences be understood ? 


The distinctive properties of metals can only be explained by a 
bonding scheme. One such simple model which can explain 
some of the properties of metals is the 'electron sea-model'. 
In this model a metal is considered as a net-work of positively 
charged ions immersed in a sea of electrons. ‘ Fig.18 shows a 
cross-section of crystal structure of a metal in which the 
positive charges of metal nuclei together with filled nonvalence 
electron shells (called kernels) are immersed in a sea of 
electrons derived from valence Shells of all metal atoms. These 
electrons are not attached to any particular metal ion. In fact 
they oelong to the crystal as a whole. These electrons have a 
freedom to move in all directions and are said to be delocalized. 
This arrangement should lead to an electrostatic force of 
attraction between the kernel and the delocalized electrons. In 

this sense, the sea of electrons holds the kernels together. This 
.is the metallic bond. 


The free-electron ■ model as described above is able to explain 
characteristic metallic properties. When an electric current from 
an external source enters a bar of metal at one end, the free 
electrons travel through the metal and leave the other end at the 
same rate. In.thermal conductivity no electrons enter or leave 
the metal but at the point where the metal is heated, the free 
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Fig. 18 

Cross section ol s crystal structure 
ol a metal with the sea of electrons. 
Each circled positive charge repre¬ 
sents the nucleus and filled, norv, 
valence electron shells of a metal 
atom The shaded area surrounding 
the positive metal ions represents the 
mop* sea ol electrons 



FIGURE 19 

Deformation ° r 1 mcul 
compared to that of an 
ionic solid. 
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electrons gain kinetic energy and pass this on to other 
electrons, Both thermal and electrical conductivities thus have 
the s-me origin. They can be thought of as wave r-it ion in a sea 
of electrons. 


The characteristic metallic lustre associated with most metals is 
due to the absorption of light from blue or high energy region of 
visible spectrum while reflecting light of all other wavelengths. 
The electron-sea model is also consistent with other commonly 
observed metallic properties like malleability and ductility, A 
metal can be hammered without fracturing or breaking. If one 
layer of metal ions are forced across another by hammering as 
shown in Fig.19, the internal structure remains essentially 
unaltered since the sea of electrons adjusts rapidly with new 
nearest neighbours. Thus metallic bonds are nondirectional. The 
displacement of layers does not give rise to any repulsive forces 
in metals. It appears as though the mobile sea of electrons 
offers a constant buffer between the metal ions not all-wing them 
to experience repulsive interactions. This property of metals is 
in striking contrast with that of covalent and ionic solids. In 
an ionic crystal, the displacement of one layer of ions with 
respect to another will bring like charges close vicinity to one 
another giving ris,e to strong repulsive forces (Fig,19). 

I 

2,11: Band theory of metals: 

Although the description of metallic bond in terms of ’lectron- 
sea model accounts for many metallic properties, it is not 
adequate enough to explain why metal3 are so dense and have high 
melting points. A more exact description results ;.i;en molecular - 
orbital treatment is applied to metals. In this model the entire 
crystal of a metal is treated as a giant molecule composed of all 
the atoms in the crystal. For example, think of a metallic 
crystal of lithium as being made of lithium atoms. In lithium 
atoms, 2s orbitals are valence orbitals. The valence atomic 
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orbitals are combined to produce highly delocalized bonding and 

anti.bondj.ng orbitals. Since Is orbitals of lithium are completely 

filled, they do not make any contribution to the bonding. An 

imaginary sequence of linear lithium molecules Li 2 , Li 3 , Li 4 «.. 

leads to building up of molecular orbitals for these molecules as 

23 

shown in Fig. 20. Thus if there are 10 atoms in a lithium 
23 

crv.iUi , 10 2s atomic orbitals interact to produce a band of 

10 deiocaxi v-.-d molecular orbitals. Since each brlJital can 

• ' ■- 23 ’ 

accomodate 2 electrons, the capacity of the band is 2 x 10 

** . 

electrons. But the lithium metal has electrons only to fill half 
the set of molecular orbitals. Thus the lower bonding energy 
levels remain half filled. The important feature, of this set of 
filled molecular orbitals is that their energy levels are bo 
closely spaced that they form a band of similar energy. This 
collection of closely spaced energy levels is called a band. The 
treatment of molecular orbital theory applied to metals is called 
'Band Theory'. 

In some metals like Li and Na the band formed by valence 
electrons (valence band is partially filled with electrons. 
Fig.21) also serves as a conduction band. This conduction band is 
similar to the sea of electrons of electron-sea model. When an 
electric potential is applied accross the metal, the electrons 
are excited to the unfilled molecular orbitals of the same band 
of slightly higher energy. As a result metals conduct 
electricity. However during their random movements, electrons 
collide with positive kernels of atoms. This would lead to 
electrical resistance. With the rise in temperature, the 
vibration of positive ion cores (kernels) about their mean 
positions increases and the collision of electrons with the 
positive ion cores becomes more frequent and thus the electrical 
resistance of the metals increases. 

In other metals like magnesium, the valence band is completely 
filled but the conduction band overlaps with it as shown in 
Fig.22. In sei;.i conductor? like Ge, Si, etc., the valence band 
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Figor* 20 Molecular orbital development cl the band theory of metals. 
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10* equivalent _ 

U atomic orbitals 
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Delocalized-moleculBr-orbital bands in lithium. The original 2s and 2 p atomic orbitals are 
so dose in energy that the molecular orbital bands overlap. Lithium has one electron in 
every 2s atomtc orbital, hence only ball as many electrons as can be accommodated in 
the 2s atomic orbitals or in the delocelized-molecular-orbiial band There are unfilled 
energy states an infinitesimal distance above the highest-energy filled stale, so an 
infinitesimal energy is required to excite an electron and send it moving through the 
metal. Thus lithium is a conductor. 



(b) Metal 


'c) Semicon¬ 
ductor 


d) Insulator 


(a) Metal 








is completely filled with electrons, but the empty conduction 
band is separated by a small energy gap (aE )cal led band jap. 
When energy is supplied, a few of the electrons from the va I <iee 
band make a transition to the conduction nand leading to 
conductivity. In contrast to metals, the electrical conductivity 
in semiconductors increases with rise in temperature. The thermal 
energy facilitates more number of electrons to jump from valence 
band to conduction band. However in insulators, a large energy 
gap (AE) separates the filled valence band from th» conduction 
band (Fig.22), When an electric Potential is applied very few 
electrons can make a transition and thus an insulator cannot 
conduct electricity. Table 3 presents types of bor.iir. 3 in soli Is 
and their properties in general. 

E.16 Explain why diamond is colourless while silicon is black. 


Silicon is a semiconductor with a band gap of 105 •'/mol " 1 whereas 
diamond is an insulator with a large band gap of :; ; kJmol J . The 
electrons m the filled band can be promoted to the -npty ban J by 
be absorption of light. For diamond, the wavelength corresponding 
to the band gap of 502 kJmol " 1 can be calculated. 


E = 502000 J mol " 1 / 6.02 x 10 23 particles .mol " 1 
8.34 x 10 j per particle 

E ■ h 9 = he, 

= he/ E 

(6.63 x 10 34 j sec) (3.0 x 10 8 tn/s) 

8.34 x 10" 19 j 


- 2.38 x 10 7 m 
= 2.38 x 10 ^ cm 


Thia . in the ultravoilet range and thus ail 

9ht Wl11 pass through the diamond crystal rendering 


the 

it 
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Types of Bonding in Solids 
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colourleaa. But the band gap of silicon is 105 kJ mol-1 which, 
by a similar calculation can be shown to correspond to a 
wavelength . of 1.14 x 10 ^ cm which includes the entire visible 
range and thus it absorbs all the visible light and appears 
black. 

E.17 How many energy levels are present in the conduction band 
of a single crystal of sodium weighing 2.30 g ? How many 
, conduction electrons are present in the crystal ? 

2 3 

he. know that a gm.at.wt. of an element should have 6.023 x 10 
atoms. Sodium has an atomic weight of 23, therefore 2.3 g of 

2*i 

sodium should contain 6.023 x 10 * atoms of sodium. Each atom has 

an electron in the 3s orbital. Hence 6.023 x 10^ 3s atomic 

22 

orbitals interact to produce a band of 6.023 x 10 molecular 

22 

orbitals. Therefore 2.3 gm of sodiun^ ha» 6.023 x 10 energy 
levels and the same number of electrons. 


Q. 13 Magnesium metal melts at a much higher temperature than 
sodium metal. Explain. 

Q. 14 List those properties of metallic substances whose 
magnitude car be explained: 

i) in terms of bonding electrons being "delocalized" 
ii) in terms of number of available bonding electrons. 

Q. 15. Construct an energy level diagram showing the bands built 
using valence orbitals in aluminium. Explain why aluminium is a 
good conductor of electricity. 

Q. 16 Phosphorous and bismuth have the same valence electronic 
configuration, yet phosphorous is soft and an insulator, while 
bismuth is hard and an electrical conductor. Explain this 
behaviour. 
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2.12s Close Packed Structures: 

* 

We have seen how metallic bond provides a binding force to hold 
identical particles together ultimately to give a metallic 
crystal. The nondirectional character of the metallic bond 
between identical particles, in a way facilitates close packing 
of metal atoms. We can reasonably consider metal atoms as hard 
spheres. A close packing is a way of arranging identical spheres 
so that the available space is filled very efficiently. In these 
arrangements the voids or holes are kept to a minimum. Such 
arrangement is achieved when each spherical atom is in contact 
with as many number of atoms as possible. In nature, a honeycomb 
is an example of close-packed structure comprising of hexagonal 
cells. 

Arrange a layer of identical spheres on a flat surface as shown 
in Fig,23a. In this arrangement each sphere is in contact with 
six others arranged around it in hexagonal fashion. Around a 
given sphere there exist voids and these voids are all 
equivalent. The most efficient way of arranging the spheres or 
atoms in the second layer is in the voids (laoelled A) in the 
Fig.23a. Again holes appear within the second layer. But now they 
are of two different types.j This becomes clear, when you look 
down from the top of .he second layer. There will be seen a set 
of holes which are directly above a sphere in the first layer. 
These have a triangular shape and are called tetrahedral holes. 
There will be another set of holes which are directly above a 
void or a hole in the first layer. That is, you can see such 
holes right through both the layers, the shapes of holes in the 
second set corresponds to the shapes generated by Keeping two 
equilateral triangles one above the other with the vertices in 
contact in the middle.. These holes are called octahedral holes, 

A third layer of atoms or spheres can be constructed by placing 
spheres either on the tetrahedral holes (designated as B> or the 
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FIGURE 23 The closest packing d equak ’ed spheres, 
(s) One layer. (0) Two superimposed layers. ,,„j Three su¬ 
perimposed layers in hexagonal close-packed arrangement 
(d] Three superimposed layers in cusc dose-packed ar¬ 
rangement. 


Closest-packed structures. 

Spheres in layer la) are outlined in color. Those added 
« layer (b) are outlined in black. 

\ 





Unit Celia 
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octahedral holes (designated as C). When the arrangement is such 
that the tetrahedral sites (B) of the second 'aver are occupied 
by atoms in the third layer, the third layer will be identical 
with the arrany -n< .. in the first layer of atoms. If we con’ nue 
the type of build up which is a repetition of the arrangement 
AB, AB, AB, ... we get a hexagonal close packed £HCP) (Fig.23c) 
structure. 


In another arrangement a third layer of atoms covers all the 
octahedral holes of r.he second layer of atoms so that the atoms of 
* ,,e third layer are uot directly over the first layer. In this 
*ay the third layer atoms are different from ither the fi' t 
layer or the second layer. The fourth l^yer atoms can be -rranged 
directly over the first layer atoms and the fifth layer atoms 
u-. v r the second layer and so on. tn this way the patt n is 

repeated as- ABC ABC ABC .... This arrangement (Fig.23.d> is 

called Cubic Close Packing (CCP). The unit cell of this kind o 
packing is the face centred cube (FCC). At the 'entre of each 
face of the cube an atom is located. 

KCP and CCP arrangements are the only two ways in which identical 
atoms can be closest packed in a regular pattern. In both types 
of stacki./is, each sphere or atom is in contact with 12 a* ’ms, 6 

atoms in the plane and 3 uoms above the plane and 3 atoms be ■'W 

the plane. Thus the coordination number of each atom is 1 w. 

Approximately 60% of metals crystallize in either HCP or CCP 

structures. Be, Mg, Cd crystallize in HCP structure. Ca, Ajl , Au, 

Cu, Fe and Pb crystallize in CCP structure. Substances other than 
metala like He, Ne, Ar, Kr also rystallize in close packets 

structure i. 

There is yet another arrangement in which identical spheres can 
be stacked but not so closely as mentioned above. In this 
stacking, ine spheres can form a cube in which a sphere at each 
corner is touching the sphere at the ce. ere of the body of the 
cube (Fig. 24). This arrangement results in body-centred cubic 
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The eight corner spheres 
are each in cotiLact with 
an identical sphere at the 
center of the cube 


Fig- 25 






close-packed <BCC) structure. Nearly 2U% of metals crystallize in 
BCC structure. Cs, Ba, Na and K are some of the metals which form 
BCC structures. 

In both HCP and COP arrangement a 74.04% of ’.ie total volume is 
occupied by atoms and the remainin') volume acr unta for the 
voids, in BCC structure only 68.02% of the t^tai volume is 
occupied by atoms. 

It is worthwhile to determine the number of voids surrounding any 
sphere in close packing arran-; amenta. We have already noted that 
a sphere in a hexagonal clcsest-packed layer is sum; <uded by six 
triangular voids if two kind3 B and C (Fig.25). If the next layer 
spheres are placed on B voids, then the three B voids form 
tetrahedral voids ana C voids become octahedral voids. But if we 
choose C voids for placing the spheres in the aecond uyer the 2 
voids become tetrahedral voids and B voids become octahedral. A 
similar arrangement results below the layer A. 1 addition a 
sphere in the layer A itself covers a triangular void above and 
one in the layer below, thus two more tetrahedral voids surround 
the sphere. Therefore there are 3x2=6 octahedral voids ind 
(3x2)+1+1=8 tetrahedral voids surrounding the sphere. Although 
the total number of voids and spheres in a close-packed 
structure >.s very large, it is possible to determ, ,e the av.rage 
number of each kind of voids belonging to a sphere. Thus e ■ rh 
.sphere ia surrounded by six octahedral voids and there are **ix 
spheres urroundirg each sphere. Therefore the number of 
octahedral voids belonging to a sphere is given by the ratio: 
Number of octahedral voids around a sphere / Number of spheres 
around a void - 6/6 - 1. Similarly each sphere is surrounded by 
eight tetrahedral voids and each sphere is surrounded by four 
spheres,therefore the number of tetrahedral voids belonging to a 
sphere is two. Thus the number of tetrahedral voids belonging to 
each sphere is twice the number of octahedral voids. 
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E.16 Show that the maximum percent available volume that may be 
occupied by hard spheres is a) 52% for a simple cubic lattice, 
b)68% for BCC lattice and c)74% for FCC lattice. 

a) Let R be the length of the unit cell edge of the simple cube 
and r be the radius of the sphere. In a Bimple cubic close-packed 
lattice, the corner atoms touch each other. 

Hence R = 2r. 

3 3 

Volume of the unit cell = (2r) = 8r . 

Number of atoms per unit cell = 1. 

3 

Volume of sphere in unit cell = 4/3 nr 1, 

3 3 

Percent volume occupied = 4/3 TV r /8r /1 00 

= tr/6 x 100 
= 52.06%. 

b) In the BCC structure, the corner spheres are not in contact 
with each other but are in contact with the atom at the centre 
of the unit cell. Using pythagorean theorem it can be proved that 
the diagonal of the cube is equal to */3 times the length of the 
cube i.e. 4r = 73 RorR = 4r / 73. The tot “l number of spheres 
per unit cell in BCC is two. 

Theiefore the volume occupied due to spheres 

= 4/3 fi r 3 x 2 = 8/3 IS r 3 . 

The volume of unit cell 



= (4r/ fl) 3 
= <b4/3/3)r 3 . 


Hence the % volume occupied 

= (8/3 71 r 3 )/I (64/3-/3)r 3 ] x 100 

= 68 . 02 % 
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c) In FCC a* rurt.ure the sphere* .* the face* ir«* in ■ ont .*•-* with 
the corner atom*. Once again using Pythagorean throt***, u ClJn 
be shown that R - 1 Jl r. The total number of a ton* per mit 
cell is four. 

Hence the volume occupied due to *ph**"«*, 

= (4.5 * r l l x 4 
~ 16/3 ff r 3 

} 

The volume of unit cell a R 

= 12/2 x r ! * 

= (lb X /*; X '' 


Therefore % volume occupied 

2 <16.^3 TTr'i'Hib % -itZ) % r 1 J * !**■} 

- 74.on 

E.17 Krypton crystallises in a FCC lattice with the unit cell 
edge 5.59A. Calculate the density *'f solid krypton. 

Since FCC un ” cell contains 4 at.cni* per unit cell, nm j .»*■ uni* 
cell ia 4 x atomic miss of krypton. The volume of ? h f ' unis, cell 
= cube of unit cell length 

= (5.59 x TV *:m‘ 

Density a 4 x M ' N s x 16.59 * uf H l l 

“ 4 x {ji - H (b.O.M X lir , | , t 174. hH * i <»“**» 

~ 3.18b g/ee, 

E..10 Platinum has a density of 21.5 o ee. How many atom* .,rc m 
nmt cell if it ia cubic with an edge length of 3.HI4 A, 1» the 
unit cell simple, BCC or FCC ? 

Density = zM/NV, Therefore z= density x N x V ! M 

21.5 x 6.023 x 1<T 3 x (3/314 x 1 •' 195.09 

= 3.98 

= 4.00 
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The number of atoms per unit cell is 4. Therefore 
platinum crystallises in FCC structure. 


Q.13 The element gallium crystallizes in the simple tetragonal 
structure with a = b = 4.51A and c = 7.51A. Calculate the density 
of gallium. 

Q.14 Iron crystallises in FCC structure in the Y- form with a = 
0.368 nm and a BCC structure in the ^ - form with a = 0.290 tun. 
Calculate the ratio of the densities in the crystalline 
modifications. 


Summary 

One of the key concepts developed in this lesson is that of 
intermolecular forces - the attractive forces that hold the 
particles together in liquid and solid state. We have described 
the condensed state as an aggregate of mutually interacting 
particles with Strong attractive forces between them. We- have 
come to realise that all the observed physical properties of the 
condensed matter stem from these intermolecular forces. 
Electrostatic interactions provide a common origin for 
intermolecular forces. Mainly four types of intermolecular forces 
were considered : dipole-dipole, dipoJe-induced dipole, London 
dispersion and hydrogen bonding forces. 

The magnitude of these forces are generally found to increase 

4 

with increase in the molecular weight. In addition, the shapes 
and polar characteristics of the molecules play a crucial role in 
deciding the strengths of attractive forces. We have noted the 
evidences of attractive forces in liquids while explaining 
properties like evaporation, heats of vapourization and vapour 
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pressure. Two other properties of the liquids, viscosity and 
surface tension were also discussed in terms of intermolecular 
forces and the effect of temperature on these properties was 
explained* The significance of hydrogen bonding is described with 
special reference to water in liquid and solid state. The role of 
hydrogen bonding in the living matter is emphasized. 

Solids are distinguished from liquids in that they have regular 
arrangement of particles known as crystal lattices that can be 
described in terms of unit cell. Based on the types of binding 
forces, solids are classified as molecular, covalent, ionic and 
metallic. The strengths of intermolecular forces arising from 
specific bond type are correlated with observed physical 
properties. For example in ionic solids the strength of 
intermolecular forces are expressed through lattice energy, which 
is a function of ionic size and charge. Since all the electrons 
in a network covalent solid are localized into bonds, the solid 
is an electrical insulator. However delocalized electrons in 
metals give rise to electrical conductivity. We have discussed 
some of the distinctive properties of metals by invoking' 
electron-sea model and the band theory of metals. 

In silicates the basic structural unit is a Si0 4 2- tetrahedron 
which can be arranged into rings, chains, sheets and three 
dimensional network. As in liquids, amorphous solids lack long 
range molecular organisation. 

While describing metallic crystals it is useful to consider 
closely packed structure of spheres. This would lead to two types 
of closest packed structures namely hexagonal close packed and 
cubic close packed, while the third arrangement, body-c atred 
cubic close packed is not so tightly packed. By knowing the unit 
cell of a given crystal system, it is possible to calculate 
densities, atomic radii and other fundamental properties of the 
solids. 
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Exercises 


1. The boiling point of benzene, is 80°c. When another atom 

or group of atoms is substituted for one of the H atoms, the 
boiling point changes. Explain the order of the following boiling 
points: C 6 H 5 C1, 132°C; C 6 H 5 Br, 156°C; C 6 H 5 OH, 1B2*C. 

2. Which molecule has the larger dipole moment: BF 3 or NF 3 ? 
What types of solids will 1*13 and NF 3 molecules build ? Which 
should have the higher melting temperature - solid BF 3 or solid 

NF3 ? 

3. Explain, on a molecular level, why the vapour pressure of 
water at 25°C is lower than that: of alcohol at the same 
temperature. 

4. Explain how each of the following affects the vapour pressure 
of liquid : a) surface area, b) temperature, c) intermolecular 
attractive forces and d) volume of the liquid. 

5. The oxygen atoms in ice assume the same arrangement as the 
carbon atoms in diamond. Explain why diamond is so much harder 
and denser than ice, 

6 . Glycerine, 0385 ( 011)3 is more viscous than alcohol, C 2 H 5 OH. 
Explain. 

7. Which of the two liquids, water ,.md ethyl alcohol will rise 
more in a capillary ? 

8 . How does mica differ structurally from talc ? Explain the 

i 

difference in the properties in terms of structure. 

9. Consider each of the following in the solid state: sodium, 
germanium, methanol, neon, potassium chloride. Which would be an 
example of 
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a) a solid held together by van der Waals forces and which 
melts far below the room temperature. 

b) a solid with high electrical conductivity that melts at 
near 200°C. 

c) a high melting network solid involving covalently bonded 
atoms. 

d) a nonconducting solid which becomes conducting upon 
melting. 

. e) a substance in which hydrogen bor. ling is pronounced. 

10. Explain briefly each of the following facts. 

a) SrCl2 is an ionic substance but CdCl 2 is an intermediate 
covalent network compound. 

b) Metal crystals are formed by e. leri"nt s with low ionisation 
energies. 

c) sodium chloride is sparingly soluble in carbon 
tetrachloride. 

■ The metals nickel and zinc crystallise in different 
geometrical arrangements; yet atoms of both have 12 nearest' 
neighbours. Account for these observations. 

12. Argon, copper, sodium chloride and carbon dioxide all 
crystallise in a FCC structure. How can this be and still nave 
such, a difference in their physical properties ? 

13. Which of the following properties are especially important in 
.determining whether a substance has metallic properties ? 

a) atomic number 

b) atomic weight 

c) number of vaience electrons 

d) number of empty orbitals 

e) total number of electronic shells in the atom. 
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14. Suppose you have a crystal AB with sodium chloride packing in 
which each of the ion has the same charge, A + and B~ as: Na + and 
Cl , but radii of the A and B are proportionately larger. Would 
AB have a higher or lower melting point than NaCl ? Suggest a 
list of crystals which meets the above criteria and look for 
their melting points to ascertain your prediction. 

15. Calculate the maximum radius of spheres that just fit into : 
a) a tetrahedral hole and b) an octahedral hole in a lattice 
composed of hard spheres of unit radius. 

16. Magnesium crystallizes in the HCP arrangement. The dimensions 

of the unit cell are height: 520pm and length of an edge: 320pm. 

Calculate the density of solid magnesium ard compare with the 

3 

measured value of 1.738 g/cro . 

I 

17. How does adding traces of other elements, such as adding 
carbon to iron, often make the resulting alloy harder and more 
brittle ? Explain in terms of bonding. 

18. The chloride, bromide and iodide of caesium form 
interpenetrating simple cubic crystals instead of 
interpenetrating FCC crystals like the other halides of alkali 
metals. The length of the side of the unit cell of CsCl is 
412.1pm. a) What is the density of CsCl ? b) Calculate the ionic 
radius of Cs + assuming that the ions touch along a diagonal 
through the unit cell and that the ionic radius of Cl is 181 pm. 

19. A solid solution of carbon in FCC iron has a density of 
8.105 g /cm^ and a unit cell edge of 358.3 pm. Are the carbon 
atoms interstitial or do they substitute for iron atoms in the 
lattice ? 

20. The values of the energy gaps between valence and conduction 
bands for diamond, Si and Ge are 6.0 eV, 1.10 eV and 0.7 eV 
respectively. Which of these has the highest conductivity and why 
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CHAPTER 3 


THE TRANSITION ELEMENTS 

Introduction: 

Think of something made of metal that you will come across in 
your daily life. The things that strike our minds may be 
automobiles or cooking pots or water pipes or pieces of jewellery 
which contain either a transition metal or several transition 
metals combined in an alloy form. Transition metals have wide, 
applications because of certain special characteristics, Some c i 
these are: they can exhibit a variety of oxidation states, form 
interesting complexes, coloured compounds and can function as 
catalysts for several reactions of industrial importance. There 
are three series of transition metals - scandium to copper? 
yttrium to silver; lanthanum to gold. Across a given series the 
elements are similar in their properties with a slight degree of 
gradation. Our concern here is to try to account for these 
special features in terms of the electronic structures the 
relative energy levels of the orbitals. 

3.1 Electronic configurations of transition elements: 

In the long form of the periodic table the transition elements 
- are placed in the d and f blocks. For convenience the f block 
elements are called the inner transion elements. Will all the 
elements in the d and f blocks qualify as transition elements ? 
The most broadly accepted definition of transition elements is 
"elements that have partially filled d or f -sub shells in their 

4 

atomic or in any of their common oxidation states." In other 
words, transition metals form atleast one ion with a partially 
filled d or f subshell. Zinc, cadmium and mercury do not qualify 
because neither in the elemental state nor in their known ions do 
they have partially filled d subshells. 
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Table 1 : Valence shell electronic configuration of d transition elements 




Ql« How can you justify the inclusion of the coinage metals such 
as Cu, Ag and Au as transition metals ? 


With the above mentioned definition in mind, one finds that there 
are at present some 62 transition elements connecting the 
heaviest elements upto the one of atomic number, Z = 110, The 
three d series of transition elements in which • the electrons 
enter into (n-1) d sub shell are 3 d( 2 iSc - 29 CU), 4 d( 3 gY - 47 .Ag), 
and 5 d( 57 La - 79 AU). The transition elements in which the (n-2)£ 
sub shell is being built up to its complement of 14 electrons are 
called 'inner transition elements'. The elements with Z = 57 - 71 
in which the 4f sub shell is being filled up constitute the 
'lanthanide series'. The elements with Z = 69 - 103 in which the 
5f sub shell is being built up are known as 'actinide series. The 
elements beyond Z = 103 are all man-made. They are also some 
times called super heavy elements. In this lesson, we concentrate 
on 'd' block elements. 

The properties of transition elements are related to their 
electronic structures and the relative energy levels of; the 
orbitals available for their electrons. In order to check this 
relationship, it is essential to know the electronic 
configurations of these elements (Table 1). 

The electronic configurations of gaseous atoms and ions of 
elements are obtained by atomic spectroscopy. Deviations from the 
idealised configuration occur when a different configuration is 
more stable. As the shells of electrons get farther and farther 
from the nucleus, successive shells become closer in energy. The 
3d and 4s sub shells are closer in energy, with the latter having 
lower energy. This means that once the 3s and 3p sub shells are 
filled at argon, subsequent electrons enter the 4s sub shell 
since it is at a lower energy level than the 3d sub shell. Hence, 


113 


potassium and calcium have respectively one and two electrons in 
the 4s sub shell* Once the 4s sub shell is filled at calcium, 
electrons enter the 3d level. Once the 3d level is occupied by 
electrons, these repel the 4s elecerons even farther from the 
nucleus and upto a higher energy, higher in fact than the 3d 
level now occupied. Consequently, when transition metal atoms 
form ions, they lose electrons from the 4s level before they do 
so from the 3d level. The binding energies of d electrons are 
higher than those of 4s electrons for ail transition 
elements.This means that all transition metals will have similar 
chemical properties since these will be dictated by the behaviour 
of the electrons in the d sub shell. ¥ou may notice in Table 1. 
some deviations from this trend in the case of elements in the 4d 
and 5d series. This is probably due to the closeness in energy 
among 4d and 5s and 5d and bs sub shells respectively. 

3.2: Trends across the period of transition metals 

In building up the elements from Sc to Cu, electrons are being 
added to an inner d sub shell and the nuclear charge is 
increasing by the addition of protons. These inner d electrons 
shield the, 4s electrons from the increasing nuclear charge much 
more effectively than outer shell electrons can shield each other 
and consequently the atomic radii decrease much less rapidly. 
Similarly, electronegativities and ionisation energies increase 
from Sc to Cu, but only marginally compared to the increase 
across period 3 from Na to Ar, The changes in these properties 
accross a given d series are therefore only marginal. The 
,similar:cy in property among the elements in the series is 

related to this. Some of the properties of the elements in the 3d 
aeries are listed in Table 2. 


Q.2. Why are the 2nd ionisation energies of both Cr and Cu higher 
than those of the next element ? 
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Table 2 : Atonic radii, electronegativities, ionisation charges 
and electrode potentials for the elements Sc to Cu 
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3.3: General properties of the first transition series (Sc - CuM 

The crystals of most of the transit ion metals have a close-packed 
structure in which each atom has twelve nearest neighbours. 
Furthermore, these metals have relatively small atomic radii. 
The close packed structure and relatively small size of the 
transition metal atoms result in Btrong metallic bonds between 
the atoms. Hence they have higher melting points, densities and 
heats of fusion than metals such as potassium and calcium. The 
strong interatomic bonding in transition metals is also reflected 
in high tensile strengths and good mechanical properties. Another 
significant property among the transition metals is the - ery 
small sizes of their ions. Table 2. lists the sizes for the +2 
ions of the 3d series. The small size of the ions results in a 
high charge density ( charge / radius ), This has important 
consequences upon the properties of the transition metal 
compounds. In their oxides, the transition metal ions exert a 
pull on the electrons of the oxide ion. This results in 
'polarization*. The ionic character of the metal oxides is 
therefore decreased. Their solubilities in water are therefore 
reduced. The basicity of oxides is generally explained on the 
basis of their ability t; donate a pair of electrons to water. In 
oxides of transition metals the oxide ion is polarized and hence 
the electron density on it is reduced. Therefore such oxides are 
not able to donate their electrons easily and hence tend to be 
less basic than oxides of s block metals. Calcium oxide is a much 
stronger base than scandium oxide. Hy«..ated metal ions in aqueous 
solution can function as acids due to the reactions of the 
following type. 

.[M<H 2 0) 6 ! 3+ + H 2 0 — - -■ [M(OH) (OH 2 ) 5 ] 2+ ♦ H30 + 

A sample of the data for the equilibrium constant for this 
reaction is given in Table 3, 
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Table 3. Acidity of Hydratedlons (as K a for 3+ species) 
<OH2>6^ ++ h 2° (OH) (OH2>5^ 1++ H 3 0 + 


Species 


«a 


[ai 

<OH 2 > 6 ] 

3 + 

1.4 

X 

ID ' 5 

L 

ISC 

<OH 2 >6' 

3+ 

1.2 

X 

10“ 5 

l V 

(0H 2 ) 5 " 

| 3+ 

3.0 

X 

3 0" 3 

Icr 

(0H 2 >6 

1 ^ 

1.2 

X 

1C~ 4 

U 

[Fe 

(OH 2 )6 

3t 

4.5 

X 

10“ 3 

L 

[Co 

<OH 2 )6 

,3+ 

5.6 

X 

O 

1 


It is seen that the hydrated ions of the transition metals are 
generally more acidic than that of aluminium, for the metals 
listed in Table 3. This again is explained on the basis of high 
charge/radius values for transition metal ions. The i ns are 
able to pull the electron from the 0-H bond in water molecules 
with which they are coordinated. This weakens the 0-H bond and 
helps release the proton readily. 

In summary the following properties of transition metals may be 
related to the small sizes of their ions. 

i) Their, oxides and hydroxides in oxidation states *2 and +?• are 
less basic and less soluble. 

li) Their salts are less ionic and less thermally stable. 

iii) Their salts and aqueous ions are more hydrated and more 

t 

readily hydrolysed forming acidic solutions. 
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3 . 4 : characteristic properties of transition wtale and their 

compounds: 

i) Variable Oxidation States: Transition metals have electrons 
of almost similar <*nergy in both the (n-l)d and ns levels. This 
means that the higher oxidation states of the transition metals 
may be correlated with the loss or sharing f electrons from the 
(n-l)d aub shell in addition to the n* electrons. 

The following generalisations emerge from a study of the 
oxidation states of the transition metals. 

a) The common oxidation states for each element are or * or 
both. The +3 states are relatively more cannon at the beginning 
of the series whereas the +2 stat« % fc are mure common towards the 
end. This is because the increasing nuclear charge hinds the 
electrons more strongly an<_ so tne more important oxidation state 
is the +2 state. 

b) However, a characteristic feature of transition metal 
chemistry is the possibility of a variety of oxidation states. 
This is due to the loss of the d-electrons in addition to the 
loss of 3 -electrons. This interesting property is most in 
evidence in the case of Mn and Cr among the elements in ,e 3d 
series. 

c) In transition metal families, the heavier members show 
increasing stability in higher oxidation states. For example 
KHnC >4 is w good oxidising agent while \ReO 4 is no' . -similarly 

6 + _ C + 

Cr is a good oxidis no agent while Mo anu W 1 are very 
stable. Stability order of oxides is Mn 2 C >7 < Tc-iOg < Re 20 g. The 
increasing stability of higher oxidation states ir. the order 
jd << 4d << 5d is probably due to two factors. Firstly the 
sublimation energy of the metal increases down the group 
requiring the formation of stronger and/or more bonds for energy 
compensation. Secondly stronger covalent bonds result because of 
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favourable bonding abilities of the 4d and 5d orbitals. Oxides 

and fluorides are formed in higher oxidation states. Example: 

FUO 4 , O 8 O 4 , PtFg, IrFg. Oxide ions, CO 2 ") and fluoride ions (F~) 

donate their electrons in addition to G electrons during bond 

formation. Metal ions accept both c - and tC electrons. This results 

in greater accumulation of charge on the metal. To avoid this, 

the metal ionB get stabilised in higher oxidation states when 
2 - - 

bonded to 0 and F . 

d) Several of the elements show zero valent and other low valent 
states in complexes, particularly with carbonyls, dipyridyl, 
phosphines, derivatives of phosphines etc. 

The various oxidation states exhibited by the transition elements 
are given in Table. 4. 

Table .4. Oxidation states of transition element?. 


Sc +3 

Y 

+ 3 

La 

+ 3 

Ti (+2),+3,*4 

Zr 

(+ 3) , +4 

Hf 

+■4 

V +2,+3,’4,+5 

Nb 

+ 3, +5 

Ta 

+ 4,45 

Cr + 2,~ 3,( + 5 ) , +6 

Mo 

+2,+3,+4,+5,+6 

W 

(+2),(+3) , 

Mn *l r +2,(+3), + 4,(+6). 

Tc 

+ 4,< +6),+7 

Re 

+4, +5,+6 

(+3),+4,(+5) 

+ 7 

Fe +2,+3,(+4),(+6) 

Fu 

+2,+3,+4,(+5), 

Os 

+ 6, 47 

(+2),( 43 ) , +4 

Co +2,(+3),t+4 

Rh 

+6,(+7), ( 48 ) 

+ 3,4-4, (+6) 

Ir 

+ 6, +8 

( + 2 >,+3,+4, 

Ni +2,(+3) 

Pd+2,(+3),+4 

Pt 

46 

: 42,( 43 ),+4 


Cu+1,+2 Au+1,+3 


note: ( ) indicates lesB common oxidation state. 

ii) Complex formation: A survey of articles in the recent issuer 
of the journal 'Inorganic Chemistry ’ indicates that perhaps 
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sixty percent could be considered to deal with coordination 
compounds or complexes of transition metals. Complex ions are 
■omposed of a central metal ion surrounded by a cluster of anions 
or molecules , called 'ligands'. In transition metal complexea» 
nan-bonded pairs of electrons on the ligand form co-ordinate 
bonds to the central ion by donating these unshared electron 
pairs into vacant orbitals of the transition metal ion. The 
tendency of the transition metai cations to form complexes is due 
to the following reasons: 

a) Th*i transition metal cations are relat velv very small in size 
and hence have high positive charge density which makes it easy 
f.tr them to accept the lone pairs of electrons from the ligands. 

a) The transition metal cations have vacant or partially filled 
(n-l)d orbitals which are of approximately the right type of 
energy to accept lone pairs of electrons. 

c) The transition metals are capable of showing several oxidation 
states. 

The following examples illustrate how the complexes are formed. 
Addition of ammonia solution to an aqueous solution of copper 
sulphate gives a deep blue solution. The reaction can be 
represented as 

I 

[ Ou (H 2 0) 4 ] 2+ + 4NH 3 -- [Cu (NH 3 > 4 1 2 + + 4!’ 2 0 U.) 

light blue deep blue 

Silver chloride dissolves in excess of ammonia solut h u. 

AgCl (g) + 2NH 3(1) — [ Ag (NH 3 ) 2 ] + (aq) + Cl~ (aq) (2) 

Pink solution of cobalt (II3 sulphate turns blue on adding cone. 
HCl 

[Co(H 2 0) 6 ] 2+ + 4HC1 -- [CoCl 4 ] 2 ~ + 6H 2 0 + 4H + (3) 
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In all the above reactions coordination compounds are formed as 

one of the products. In reactions 1 and 3, one of the reactants 

is also a coordination compound ( an aqueous solution of cupric 

ion and cobalt (II) ion). The common feature in all these cases 

is that the bond between the metal ion and the other group is a 

coordinate bond. Ammonia molecule has a lone pair of electrons on 

N atom. This is donated to the metal ion for the formation of a 

coordinate linkage. Similarly in tCoCl 4 ) , Cl is the electron 

24- 

pair donor and the Co is the electron pair . acceptor. Water 
molecule has two lone pairs on oxygen. One lone pair is donated 
to the metal ion resulting in the formation of a coordinate bond. 
Thus in coordination compounds or complexes all the bonds 
between the central metal ion/metal atom and other groups are 
coordinate bonds. In transition metal complexes the electron pair 
acceptor is a metal ion/atom and the electron pair donor is 

called a ligand. NH 3 , Cl and H 2 O are the ligands in the above 

reactions. Thus a complex is formed by the interaction of a metal 

aton/ion (Lewis acid) and the ligand (Lewis base). A square 

bracket is used to indicate the coordination sphere in a 

compound. A complex species can be neutral or ionic and , it 

retains its identity even in solution. 


A few more examples of complexes of transition metals are : 

(Pt(NH 3 )tCI 2 1 1 [Fe ( CN ) g] 3_ , lNi (H 2 0) g1 2 + , tCo(NH 3 ) 5 SO 4 ]“, 

ICgF 6 P" etc. 

In general, transition metal complexes haVe octahedral", 
tetrahedral or square planar geometry. Owing to the precise 
stereochemical positions of the ligands in complex ions", 

t 

isomerism can occur in 4-coordinated and 6 -coordinated complexes 
like (PtCl 2 (NH 3 ) 2 1 and lCo(NH 3 > 3 CI 3 ) respectively. The bonding, 
isomerism and other properties of metal complexes■' will be 
discussed in detail in a subsequent lesson. 
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iii) Magnetic properties: Many compounds of transition elements 
contain one or more unpaired electrons in a given subahell of an 
atom. Since the electrons have a spin, they generate a magnetic 
field which can interact with an external magnetic i.ield. 
However, if the aubshell contains a pair of electrons, the 
magnetic field generated by one electron will be exactly 
cancelled by that due to the second electron. The result ia the 
ne t magnetic field will be zero* In such cases an external 
magnetic field cannot interact with the system. On the other 
hand, if the subshell of an atom contains an unpaired electron, 
there will be a net magnetic field. Such systems will be 
attracted ■ by an external magnetic field. This phenomenon is 
called paramagnetism. Paramagnetism is an evidence for the, 
presence of unpaired electrons. This arises due to the electron 
spin as well as the electron motion in the orbitals. It is 
noticed that the orbital contribution to the paramagnetism i3 

possible for metal ions with partially filled d sub shells. 

"'5 

However, if the metal ion contains half filled (d ) configuration 
the orbital contribution will be zero, since for a given subshell 
the sum of the values of the magnetic quantum number,'m' add up 
to zero. For the compounds of 3d metal ions, the orbital 
contribution towards paramagnetism is very much less compared to 
the electron spin contribution. The magnitude of paramagnetism 
of a compound is expressed in terms of magnetic moment. Higher 
the magnetic moment values, more will be the number of unpaired 
electrons. 

The magnetic moment, which can be measured by means of Gouy 
. .balance provides information about the number of unpaired 

electrons present (oxidation state) in an atom and the electronic 
states in compounds of transition elements^, thereby it helps in 
predicting the structure of the molecule or complex. 

In most instances, the magnetic moments ( measured in Bohr 
Magnetons, BM) in transition metal compounds can be calculated by 
using the spin only formula =J n(n+2)BM, where n is equal to the 
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number of unpaired electrons. Table 5. lists the calculated 
{using spin only formula) and the experimental value of the 
magnetic moments of some transition metal ions. 

Tahir 5, Magnetic data of 3d transition metal ions : 


Ion 

Configuration 

Magnetic 

Moment ( in BM) 



calculated 

experimental 


Sc 3 + 

a 0 

So 

0 

Ti 3 + 

a 1 

1.73 

1.75 

Ti 2 * 

a 2 

2.83 

2.76 

V 2 * 

a 3 

3,87 

3.86 

Cr 2 + 

a 4 

4.90 

4.80 

Mn 2 + 

a 5 

5.92 

5.96 

Fe 2 + 

a 6 

4.90 

5.00-5.50 

Co 2 + 

a 7 

3.87 

4.40-5.20 

... 2 + 

N l 

a 8 

2.83 

•2.90-3.40 

_ 2 + 

Cu 

a 9 

1.73 

1.80-2.20 


Note that in the latter half of the table, the experimental 
values of the magnetic moments are slightly higher than the 
values calcualated on the basis of electron spin. This is due to 
some contribution from the orbital magnetic moment. On the other 
hand, in the case of some transition metal compounds, the 
paramagnetic moment is much less than one would expect. This is 
due to pairing of electrons by the strong field. 
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i-v ) Coloured compounds: 


Most of the compounds of transition elements are coloured The 
colour of these compounds can often be related to incompletely 
filled d-orbitals in the metal ion. 

In general, when light falls on a substance, part of it is 
absorbed, part is transmitted (provided the substance is 
transparent) and part may be reflected. If all the incident light 
is absorbed then the substance looks 'black'. If all the incident 
radiation is..reflected then the substance looks 'white'. On the 
other hand, if only a small amount of light is absorbed and if 
all the radiations in the visible region of the spectrum are 
transmitted equally, then the substance will appear 'colourless'. 
However, if the substance ahsorbs the light photons of one or 
more frequencies in the visible region so that the transmitted 
or reflected light is relatively richer in photons belonging to 
the remaining part of the visible region, the substance has a 
characteristic colour. For example, aqueous solutions of. 
titaniumtIII) chloride absorb green-yellow light and hence they 
have violet colour (red, blue and violet radiations are less 
efficiently absorbed) . This can be explained on the basis of 
electronic transition within a set of d orbitals. All the five 3d 
orbitals have exactly the same energy level in the isolated 
gaseous titanium (III) ion. However, when the Ti^ + is surrounded 
by ligands, the 3d orbitals are no longer symmetrically arranged. 
Those orbitals closer to the ligands are pushed to a slightly 
■ higher energy levels than those orbitals farther away. This 
splitting of the 3d orbitals in the octahedral titanium (III) 
complex ion is Shown in the figure below. 
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[al tbl [o] 

gaseous Ti ion ground state of excited state of 

Ti 3+ in [TifHnOg] 3 * Ti 3+ in [Ti(H 2 0) 6 ] 3+ 

In the ground (stable) state, the single d electron will’ 
obviously occupy one of the d orbitals of slightly lower energy 
as shown in figure above. As you will realise it is now 
possible for the Ti 3 + ion in [ Ti ( H 2 0) f, 1 3 + to absorb sufficient 
energy for the 3d electron to be promoted from its lower to one 
of the higher 3d orbitals. The difference in energy between the 
two sets of 3d orbitals in the titanium (III) complex is 
relatively small and it is found to coincide with the wavelength 
for green-yellow light. Thus when aqueous Ticl 3 is exposed to 
white light it absorbs photons in green-yellow light but 
transmits those of red and blue light. Hence TiCl 3 ( a q) appears 
purple or violet. 


Q3. why are solutions of transition metal compounds usually 
coloured whereas solutions of compounds of non-transition metals 
are usually colourless ? 

Q4. Why is MnO^ pink in colour ? 


The colour of a transition metal complex depends mainly on the 
nature of the central cation and is influenced somewhat less by 
the coordinating ligand. 
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NH 3 <aq) - en 

fCu(H203 6 ] 2+ -> tCu(NH 3 ) 4 ] 2+ - > tCu(en) 2 ] 2 + 

pale blue dark blue violet 

len = ethylene diamine, H 2 NCH 2 CH 2 NH 21 

the CU* compounds are colourless. Colour of the * complexes also 
depends upon the number of d electrons or the oxidation state of 
the central metal ion. For instance, when potassium permanganate 
is heated with 50% KOH it is reduced through the following colour 
changes. 


sub. present in 

alkaline solution 

Mn0 4 " 

Mn0 4 2 “ 

Mn0 3 

Mn0 2 Mn(OH) 3 Mn(OH )2 

*» 

oxidation state 

of Manganese 

7 + 

6 + 

5 + 

4 + 

3* 2 + 

colour 

purple 

green 

blue 

dark 

brown 

green pink 

v)Catalytic properties; Transition 

metals 

and their 

compounds are 


important catalysts in industry and in biological systems. For 
example, the cytochrome oxidase which contains copper is involved 
in the oxidation of food whereby energy is obtained. A list of 
some of the more important examples is given in Table 6. 
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Table 6« Transition metals and their compounds used as catalysts 
in industry. 


transition element substance used as reaction catalysed 

catalyst 


Ti 


V 


Fe 


Ni 


Pt 


Pt 


TiCl 3 / 

Al2{C2H5 ) e 


v 2°5 

or Vanadate 
Fe or Fe 203 


Ni 


Pt 


Pt 


nC 2 H 4 —» (-OC- ) n 
polymerisation of 
ethene - polyethene 

2S0 2 + 0 2 -> 2 SO 3 

(contact process) 

N 2 + 3h 2 - > 2NH 3 

(Haber process) 

RCH= CH 2 + H 2 -► 

RCH 2 CH 3 
(hardenino of 

vegetable oils) 

250 2 + 0 2 - * 

250 3 

(contact process) 

4NH 3 + 50 2 - 

4N0 + 6H 2 0 

then NO - > N0 2 -> 

HNO 3 


Transition metalB and their compounds can catalyse reactions 
because they are able to introduce an entirely new reaction 
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mechanism with a lower activation energy than the uncatalysed 
reaction* Since the activation energy of the catalysed reaction 
is lower, the reaction rate is higher. 

During the course of this new reaction path, the catalyst 
undergoes changes in oxidation state but it is regenerated in its 
original form when the reactants form the products. 


Q,5 Why do certain transition metals or compounds exhibit 
catalytic properties ? 


vi)Non-stoichiometric compounds! An interesting feature of the 
transition, elements is the existence of non-stoiehiometri: 
compounds, i.e., ec ".pounds of indefnite composition and 
properties. Examples of such compounds are TiO ( o.69-1.33) ' 

Ce 0 <l. 65-1.012) ' F «i0.94-0.84)0' F eS (l.0-l. 14) • 2.25-2.375 ) 

etc. 

Vanadium and selenium form a aeries of compounds having the 
formulae: 

VSe < VS«q , 9 Q VSei^* 

V 2 Se 3 (VSe ll2 - VSe lt6 ) 

V 2 Se4 <VSej , ( 5 - Vse 2 ) 

The non-stoichiometry is observed particularly among compounds 

with Group VI elements ( O, S, Se, Te) due to the variable 

valency of the transition elements and also due to defects in the 

crystal structures. Thus excess of oxygen in the solid ^( 0^94 _ 

0 . 04)0 results from the valency of a number of Fe‘ + lattice sites 

in the FeO lattice. The electroneutrality can be maintained if a 

sufficient number of the sites are occupied by Fe^ + ions rather 
, ^ 2 ^ 

than Fe . The variability of composition arises from the fact 
that the number of such defects that can exist in a stable 
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lattice may vary within a considerable range. A few more non 
stoichiometric compounds like Cuq,{J 3 )S are also known. 

vii)Interstitial compounds One of the striking characteristics of 
transition metal chemistry is the Btrong tendency to form 
interstitial compounds with non-metal atoms of small radius such 
as hydrogen, nitrogen, boron and carbon. In these compounds, the 
non metal occupies the interstices of the metal lattice without 
greatly distorting the lattice. Example;TiN, TiC, ZrN, ZrC, UC, 
HfC, VC, W 2 N, Fe 4 K, ZrH, Pd 2 H, Mo 2 N, NbC etc. 

Summary: 

1. The three series of transition elements commencing from the 
4th period, each of which starts with the filling of ' d' orbitals 
after ’s' orbital is filled, are called d block elements. 

2. A transition metal can be defined as an element which forms at 
least one ion with a partially filled d or f sub-shell. 

3. Ionisation of a transition element involves the removal of the 
a electron(s) before that of the d electron(s). This order of 
removal is explained on the basis of increase in energy of the b 
electron due to repulsion by the d electrons. 

4. Many of the properties of transition elements can be explained 
in terms of their electronic structures and the relative energy 
levels of the orbitals available for their electrons. 

5. Unlike those in other parts of the periodic table, the 
elements in a transition series have very similar properties to 
one another. 

6 . Transition metals show the following characteristic 
properties: a) Variable oxidation states; b) Formation of complex 
ions; c) Coloured compounds; and d) Catalytic properties. 
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Exercises: 


1. Arrange the following transition-metal 
order of their size and give reasons for 


.3+ 


-.3 + 
Ti 


Cu 2+ , 


Mn 


2 + 


Co 3 + , 


Fe 


3 + 


ions in the increasing 
the order suggested. 


2; Write the electronic configuration for the following ions and 
calculate the spin magnetic moment. Indicate the ones which are 
expected to form coloured compounds. 

i)Cr 3+ ii)Ti^ + iii)Ni 2+ iv)Fe 2f 


- 3. Account for the following: 


n + 

a) The reduction potential of Mn“ is more negative than 

-2+ , 3+ 

Fe and Cr . 


b) -Copper (I) compounds are white and rarely show catalytic 
properties whereas those of copper(TP ,ire usually coloured and 
can act as catalysts for many reactions. 

c) The transition elements exhibit multiple oxidation states, 

d) The cupric ion is said to be blue, but CuS0 4 is a white 
powder. 

e) Transition metals are more prone to form coordination 
compounds. 

f> The addition of ammonia solution to aqueous copper (II) 
su phate gives a pale blue precipitate at first and then a deep 
blue solution when more ammonia solution is added. 


4. With reference to copper and vanadium or th 

discuss three properties , 

. . P that are characteristic 

metals. 


compounds, 
transition 
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CHAPTER 4 

STRUCTURE AND NOMENCLATURE OF ORGANIC COMPOUNDS 


Introduction: 

The striking feature of organic chemistry is the enormous number of 
compounds known. The number is ever increasing as new compounds are 
either discovered in nature, isolated from naturally occurring 
substances or synthesized in the laboratory■ Carbon, as we know, is 
the common element present in all these compounds. Hydrogen atoms are 
almost always present. The compounds often contain atoms of oxygen, 
nitrogen, phosphorus or the halogens. One should add to this list 
compounds containing various metals - the organometallic compounds. 

I 

\ 

How do we explain this variety? How do we systematize the study of 
these compounds ? In the first place, the variety of possibilities 
should somehow be related to certain special characteristics of the 
carbon atom. One of the special features of the carbon atom is its 
ability to form strong covalent bonds with other carbon atoms. Chains 
of carbon atoms containing a very large number of atoms linked to one 
another are fairly stable. Cyclic structures containing carbon atoms 
linked to one another are also possible. To these carbon .skeletons can 
be attached various other atoms or groups of atoms resulting in 
compounds with a wide variety of properties. The properties obviously 
depend upon the way the atoms are linked to one another, that is the 
'structure' -of the compound. A systematic approach to the study 
therefore requires an understanding of the structures. Such a study 
reveals that the structures fall into a few classes- aliphatic, 
aromatic, saturated, unsaturated, heterocyclic, and so on. But before 
we go into a detailed study of these, it is necessary that we agree 
upon a scheme of naming these compounds. To emphasize the importance 
of structures, the scheme of nomenclature that organic chemists use is 
also related to the structures. 
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In this lesson we shall, first discuss the general structural features 
of organic compounds and then introduce schemes for naming them. 

4 . 1 : Catenation is a special characteristic of the carbon atom: 

Unlike other elements, carbon has the ability to form long chains of 
carbon atoms bonded to one another. This property ia called 
'catenation* (catene is the latin equivalent for chain). The property 
ia not shown to such an extent by any other element. Catenation, 
coupled with the ability to form four bonds in space, leads to 
numerous arrangements of atoms in the case of carbon compounds, why 
does carbon alone possess this ability to such an extent ? 

The carbon-carbon bonds in catenated structures are entirely covalent 
and unusually stable. According to the molecular orbital theory, a 
stable covalent molecule is possible if all the bonding orbitals are 
filled and no antibonding orbitals are left in the valence shell. This 
circumstance leads to a molecule which can neither act as an electron 
acceptor nor as an electron donor. Carbon fits this requirement 
nicely. It has just four valence orbitals and four valence electrons 
to fill them. Being the first member of the group IV elements, the 
carbon atom has only two inner core electrons (two Is electrons) and a 
small nuclear charge (atomic number 6). Such .• -situation where the 
number of inner electrons is small and the nuclear charge is not 
high, is ideal for bringing the nuclei closer to one another. The 
valence orbitals of two combining carbon atoms can therefore overlap 
very effectively resulting in a strong C-C bond. The overlap with the 
valence orbitals of successive carbon atoms can. also be quite large 
leading to a build up of a long chain of atoms strongly linked to one 
another, like -C-C-C-C-. This is what we call a carbon skeleton which 
is a common feature among organic compounds. 
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The remaining valence orbitals of the carbon atoms in the 
chain illustrated above can be used for overlap with 
additional carbon atoms, leading to structures like 

ff i i . 

-Wrr 

T 

J 

Fig.l 

in which two of the middle carbon atoms in the straight chain have 
used this mode of combination. The chain has thus attached branches to 
itself. The structures written above are indeed three dimensional 
structures as the valence orbitals are oriehted in space towards the 
corners of a tetrahedron, I 


'straight 1 
those of 


It is also possible for the carbon skeleton to assume a ring shape . 
One can obtain three membered rings (Fig.2a), four membered rings 
(Fig.2b), five membered rings (Fig.2c) or six membered rings (Fig.2d) 


c 

/\ 

c— 

l_ 

—'C 

1 

c/% 

\ / 
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/ \ 


i 
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cc? 


^ ™v 
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lb) 



Fig.2 

A further possibility is double bonded or triple bonded linkages among 
one or more pairs of carbon atoms. This can happen in chain structures 
as we 1 ) as ring structures. Examples of such structures for the carbon 
skeletons are: 




4.2: The carbon atoms in the skeleton satisfy their valencies in a 
variety of ways: 

We have only considered the carbon skeletons above. It should be 
obvious to you that the valencies of the carbon atoms in the skeletons 
are not yet satisfied. These can be satisfied by the atoms attaching 
themselves to various other atoms like hydrogen, the halogens, oxygen, 
nitrogen, sulphur and so on. Some of these other atoms can in turn 
satisfy their remaining valencies by attaching themselves to other 
atoms leading to situations where a 'group' of atoms 'is linked to the 
carbon skeleton. Alcohols, for instance, contain -OH groups attached 
to a carbon skeleton through the oxygen atom (Fig.4a). Another way of 
attaching oxygen to the skeleton is to connect two carbon atoms in the 
chain through an oxygen atom (Fig. 4b). This intrusion by oxygen into a 
skeleton gives rise to compounds called ethers whose properties are 
quite different from those of alcohols. An oxygen atom can also form a 
double bond with a carbon atom in the skeleton (Fig. 4c). Such 
compounds are called carbonyl compounds. Aldehydes and ketones are 
compounds which contain such C=0 groups. The C=Q group is also present 
in certain other compounds (Fig.4d) 

Jill M II III 111$ 

-C-C-C-C-OH -C-C-O-C-C- -C-C-C-C=0 -C-C-C-C-OH 

1111 Till! Till III 

< a > (b) (c) (d) 

Fig.4 

But note that there is a -0-H group also attached to the carbon 
carrying the C-0 group. Such compounds are called carboxylic 
acids. Various such possibilities are there when nitrogen atoms 
are attached to the carbon skeleton. Derivable are compounds 
called amines, nitriles and so on. Amides, amino acids etc., are 
compounds which contain both nitrogen and oxygen. A few common 
classes of compounds and the functional groups are listed in 
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Table 1. The number of compounds that can be derived from a 
basic carbon skeleton is literally limitless, 


Table 1. Classification of organic compounds according to 
functional groups. 


Class 

Functional group 

Class 

Functional group 

Carboxylic 

-C-OH 

II 

0 

Sulphonic 

O 

il 

—ca¬ 
ll 
o 

acid 

acid 

1 

OH 

Ester 

-C-OR 

II 

o 

Alkene 

i 

-c=c- 

1 1 

Amide 

-c-nh 2 

o 

\ 

Alkyne 

-CSC- 

Aldehyde 

-C-H 

II 

0 

Amine 

-nh 2 

Ketone 

T R 

Nitre? 

-no 2 


0 


• 

Anhydride 

T°T 

Nitrile 

-C=N 


O 0 



Alcohol 

1 

-C-OH 

1 

Fluoro 

-F 

Ether 

1 1 
-c-o-c- 
I l 

Chloro 

-Cl 

Mercapto 

-SH 

Bromo 

-Br 



Iodo 

-I 
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4.3: Isomerism is a recurring feature among organic compounds: 

The 'class' to which a compound belongs is, as Table 1 , reveals 
decided by the functional group -oh the carbon skeleton carries. 
The 'structural formulae' of -.nds should explicitly i-Jicate 

this. 

We shall now try to write the possible structures for compounds with 
the molecular formula C3HQO. 

Two structures are possible 

i) CH3-O-CH2-CH3 This is an ether 

ii) CH3-CH2-CH2-OH This is an alcohol. 

Similarly two structures can be written for the compounds with the 
molecular formula C4H8O. 

i) CH3-CH2-CH2-C-H This is an aldehyde 

O 

ii) CH3-CH2-C-CH3 This is a ketone. 

0 

These are compounds with the same molecular formula but containing 
different functional groups. These are called isomers. The isomers in 
the above examples differ in their properties because they contain 
different functional groups. Such an isomerism ±3 called Functional 
Isomerism. 


Ql. Draw the structural formulae for the possible functional isomers 
of C 3 H 6 O 2 . 1 


Let us consider an organic compound with molecular formula C 3 H 7 CI. Its 
structures can be written in two different ways viz. 
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CH3 - CH2-CH 2 -C1 and CH 3 -^h-CH3 

The difference between the two structures is in the position of the Cl 
group. This change in position confers some different properties on 
the compounds. This isomerism is called Position isomerism. Quite 
naturally, as the number of carbon atoms as well as functional groups 
increases there will be a spurt of possible isomers. 

i . 

In the above cases of isomerism, the structures of the isomers were 
shown to be different from one another■ Either this was due to the 
presence of the same functional group in different positions in the 
carbon chain or it was due to the functional groups themselves being 
different in the different isomers. Isomerism thus is a recurring, 
feature among organic compounds, which adds to the variety of 
compounds that are possible. 

In fact, another type of variation is also possible. This is in the 
orientations of the different groups attached to the carbon chain. 
This leads to what chemists call stereoisomerism. The topic is of 
great interest and merits a detailed discussion which will be taken up 

in a subsequent lesson. 

% 

Now we can understand why and how carbon is such a versatile element. 
The number of carbon compounds runs into millions. The immediate 
problem for us is to agree upon a systematic way of naming these 
compounds. This should be indicative of their properties, which we 
know are intimately related to their structures. This is the basis for 
.what is called the IUPAC nomenclature. This will be dealt with in the 
next section. 

/ 

4.4: The IOPAC system of naming organic compounds: 

To name organic compounds systematically a number of rules h-ive been 
framed by the International Union of Pure and Applied Chemistry 
(IUPAC).To begin with let us consider straight chain saturated 
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hydrocarbons. 

hydrocarbons. 

Table 

2 lists the 

names given for the 

Straight chain 

Table 2. IUPAC 

Names 

of Saturated Hydrocarbons: 


Molecular formula 

IUPAC name 

Molecular formula 

IUPAC name 

ch 4 


Methane 

c 6 h 14 

Hexane 

C2 h 6 


Ethane 

C 7 H 16 

Heptane 

c 3 h 8 


Propane 

c 8 h 18 

Octane 

c 4 h 10- 


Butane 

c 9 h 20 

Nonane 

c 5 h 12 


Pentane 

c 10 h 22 

Decane 


The names of the first four members relate to their history. Starting 
from pentane Latin or Greek numerals are used to indicate the number 
of carbon atoms. We have observed from Table 2. that in the case of 
saturated hydrocarbons the names end with -ane. 

I 

How do we name branched chain hydrocarbons ? 

Let us consider one of the isomers of hexane. 

1 2 3 4 5 

CH 3 -CH-CH 2 -CH 2 -CH 3 
CH 3 

[A] 

1. The longest continuous chain called the parent chain is to be 
selected and the compound is considered to be derived from this 
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parent hydrocarbon. Since the longest chain in lA] has 5 carbon 
atoms, we consider this compound as a derivative of pentane. 

2. There is a carbon branch attached to the parent chain. The names of 
the most commonly encountered carbon groups are given in Table 3. As 
these groups are derived from alkanes by the loss of one hydrogen 
atom, they are called alkyl groups. 


Table 3. IUPAC Names for some common Alkyl Groups 


Formulae 

IUPAC name 

-ch 3 

Methyl- 

1 

-ch 2 -ch 3 

t 

Ethyl- 

-ch 2 -ch 2 -ch 3 

Propyl- 

-ch-ch 3 

1 

ch 3 

Isopropyl- or 

1-Methylethyl- 

-ch 2 -ch-ch 3 

ch 3 

Isobutyl- or 

2-Methylpropyl- 

-ch-ch 2 -ch 3 

ch 3 

Sec-butyl- or 

1-Methy)propyl- 

ch 3 

-c-ch 3 

1 

ch 3 

Ter-butyl-or 

1,1-Dimethylethyl- 

The alkyl groups are named 
parent alkane and adding the 

by dropping -ane from the name 
suffix -yi■ 
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Table.3, the name of the alkyl eubetituent on the longest chain 
of structure 1A1 la methyl. The compound therefore is a methylpemtane. 

3 TO. indicate the position of the alkyl substituent on the longest 
chain, the carbon chain is numbered from one end to the other using 
Arabic numerals. The direction of numbering is so chosen that the 
lowest possible number is given to the carbon bearing the side chain. 


1 2 3 4 5 

CH3-CH-CH2-CH2-CH3 

CH 3 


5 4 3 2 1 

and not CH 3 -CH-CH 2 "CH 2 - CH 3 

ch 3 


The position of the side chain is indicated by the number in the final 
name. Therefore the compound IA1 Is called 2-Methylpentane. 


Let us consider another example 

1 2 3 4 5 

CH3-CH-CH2-CH-CH3 

CH 3 ch 3 


[ b] 

In this both the alkyl side chains are methyl side chains. Since the 
same side chain occurs twice, this is indicated by the prefix di and 
the position of each alkyl group is indicated by numbers. Then [B] is 
called 2,4-Dimethylpentane. 


Now let us analyse the following example: 

CH 3 -CH-CH 2 -CH 2 -CH-CH 2 -CH 3 
CH 3 CH 2 -CH 3 


[Cl 


The longest chain that we can identify is that of heptane. At one 
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position we have a methyl group as a substituent and at the other an 
ethyl group. The numbering is done as before. 

1 2 3 4 5 6 7 

CH 3 -CH-CH 2 -CH 2 -CH-CH 2 -CH 3 
CH 3 CH 2 -CH 3 

and not 

7 6 5 4 3 2 1 

CH 3 -CH-CH 2 -CH 2 -CH-CH 2 -CH 3 
CH 3 CH 2 -CH 3 

Since the substituents are different, they should be named in an 
alphabetical order. Thus structure [C] is called 5-Ethyl-2- 
methylheptane and not 3-Ethyl-6-roethylheptane. It should be noted that 
the first letter of the name is always a capital letter. 


Q2(A). Give the IDPAC names for the following compounds, 

1) CH3-CH2-CH-CB2-CH2-CH2-CB3 
CH 3 


2) CH 3 -CH2-9H-CH-Ca 2 -CH2-CH-CH3 

H 3 C ch 3 ch 2 -cb 3 


<pH 3 

3) CB 3 -CH 2 ~CB 2 -CH-CB2-CB-CB2-CB-CB3 

cb 3 -«!:b-cb 3 ia 2 -cB 3 

(B) Write structures for compounds with the following IDPAC names 
4 -( 1 ,1-Dimethylethy 1)- 5 -methylnonane 
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2) 3,3-Diethyl-5-iaopropyloctane. 


Let ua move on to the nomenclature of- unsaturated hydrocarbons. 
Consider an example 

CH3-CH2-CH2-CH=CH-CH3 

[ A1 

longest continuous chain containing the carbon carbon double bond 
is considered the parent chain. The corresponding alkane name is 
chosen but the suffix -ane is changed to -ene. Thus IAI is hexene,But 
the name does not indicate the position of the double bond. So, the 
chain is numbered so that the carbon bearing the double bond gets the 
lowest number. 

6 5 4 3 2 1 

CH3-CH2-CH2-CH=CH-CH3 

and not 

1 2 3 4 5 6 

CH3-CH2-CH2-CH=CH-CH3 

1 

1 

The position of the double bond is indicated by r.he number of the 
carbon atom at which the double bond commences. Thus [A] is called 
Hex-2-ene or 2-Hexene and not 3-Hexene. If there are two double bonds 
in the structure as in [B] then the suffix -diene is added. 

ch 3 -ch=ch-ch 2 -ch=ch 2 

CBJ 

Thus [B1 is called Hex-1,4-diene. 


The situation is very similar in the case of unsaturated hydrocarbons 
having triple bonds. If there is only one triple bond, the name will 
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end with .'-yne' and if there are two or more, the ending will be 
'dyne*, 'triyne' etc. Numbering is done by giving the lowest possible 
numbers to the carbon bearing the triple bond. 

CH 3 -CH 2 -C=CH CH 3 -C=C-CH 2 -C=C-CH 2 -CH 3 

tAl [B] 

1 -Butyne or But-l-yne Oct-2,5-diyne 

Jtfhat should be the approach for compounds containing both double and 
triple bonds ? 

CH 3 -C=C-CH 2 -CH 2 -CH=CH 2 

[A] 

Numbering is done in such a way that the carbons bearing the multiple 
bonds get the lowest possible numbers. 

7 6 5 4 3 2 1 

CH3-C5?C-CH 2 -CB2-CH=CH 2 

and not 

1 2 3 4 5 6 7 

CH 3 -C=C-CH 2 -CH 2 -CH=CH 2 

Hence the name of the compound is l-Hepten-5-yne or Hept-l-en-5-yne. 
Similarly the name for its isomer IB] is 5-Hepten-l-yne pr 

7 6 5 4 3 2 1 

ch3-ch=ch-ch 2 -ch 2 -c^ch 

[ Bl 

nept-5-en-l-yne. Note the usage of suffix -ene prior to suffix -yne 
while designating the functional groups in the actual nane. 
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We shall consider another example. 

HC=C-CH2“CH=CH2 

[Cl 

In this, we have both double and triple bonds located at equivalent 
positions as far as numbering from the two ends are concerned, in 
such cases the lowest number is given to the double bond. So [Cl is 1- 
Penten-4-yne or Pent-l-en-4-yne. 


Q.3 Give the IIJPAC names for the following compounds. 


1. CH 3 -CH=CH-CH-)-CH-C=CH 
J * I 

ch 3 


2. CHe?C-C~C-C=CH 


3. CH 3 -Cki-CH=CH-CH 2 -CH=CH2 
CH2~CH 3 


Q• 4 Draw the structural formula for each of the following 
compounds. , 

I 

a. 4-Isobutyl-2-octyne 

b. l-Penten-4-yne 

c. i,3,5-Octatrien-7-yne 


Next, we sha.il turn our attention to cyclic compounds - saturated, 
unsaturated and aromatic. 

The saturated monocyclic hydrocarbons take the names of corresponding 
open chain saturated hydrocarbons preceded by the prefix cyclo- 
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CH 2 Hoc— CH 2 

/\ I I 

h 2 c—ch 2 h 2 c—ch 2 

cyclopropane cyclobutane 

If double bond or triple bond is present in the ring, the rules 
applied to alkenes or alkynes hold good. 



cyclohexene 

If more than one double bond or triple bond are present then the 
position of unsaturat ion should be indicated by adding the suffix 
-diene, -triene, -diyne etc. 



1,3- Cyclohexadiene 


If we consider aromatic systems, some of the trivial names are 
retained as such. 



Benzene 



.CH=CH Z . 


Styrene 



Naphthalene 


Other substituted monocyclic aromatic 
derivatives of the parent aromatic 
substituents is indicated by numbers. 


hydrocarbons are named 
system.The position of 


as 

the 
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1,2-Dimethylbenzene 1,3-Diethylbenzene l.-Etb 1 -4-methy lbenzene 

When cyclic systems themselves act as subst. uents the name of such 
substituents goes as a prefix as listed in Table 4. 

Table4. Names of Cyclic Substituents 


Cyclic substituent Prefix to be used 


Cyclohexyl- 




2-Cyclohexenyl- 



Phenyl - 
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q. 5 Name the following according to IUPAC conventions. 


C ^/CH2~CH=CH-CBi 

r 


a 


CH2-CB2-CH3 


■- a 


CH2-CH2-CH 2 -CB 3 


d) 


^ch 3 
C6H5 



Q .6 Give the structure for the following compounds. 

a. 1,2-Diethyl -7-methyl naphthalene 

b. 1 -Naphthyl-2-phenylcyclopent-l-ene. 


4.5: Scheme for naming substituted hydrocarbons: 

An important group of organic compounds is those in which one or more 
of the hydrogen atoms in the hydrocarbon are substituted by halogen, 
nitro groups, alkoxy groups and so on. These are considered as 
substituted hydrocarbons and the scheme for naming them is directly 

related to the nomenclature of the hydrocarbons. They are called 
haloalkanes, nitroalkanes, alkoxyalkanes and so on. Some examples 
are, 

a) CH 3 -CH 2 -CH 2 --Br 1 -Bromopropane 

b) CH 3 -CS 2 -CH 2 -CH-CH 3 . 2-Nitropentane 

Np^ 
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c) CH 3 -CH 2 -0-CH 3 


Methoxyethane 


d) CH 7 -CH 2 -O-CH 2 -CH 3 Ethoxyethane 

If a compound contains more than one 9uch substituent the naming ia g c . 
done that the positions of the substituents are in the alphabetical 
order of the names of the substituents. The compounds are named 


' accc 

irdingly. Some examples are 


’a) 

CH 3 -CH-CH 2 -CH 2 Br 

Cl 

l-Bromo-3-chlorobdtane 

b) 

ch 3 -ch-ch 2 -ch 2 ci 

1-Chlc ro-3-methoxybutane 


Ach 3 


c) 

ch 3 -ch-ch=ch 

J 1 1 
no 2 och 2 -ch 3 

l-Ethoxy-3-nitro-l-butene 

d) 

ch 3 -ch-ch 2 -ch-ch 3 
cl no 2 

2-Chloro-4-nitropentane 


4.6: Nomenclature scheme for Compounds with Functional groups: 

Let us now take up compounds containing functional groups. First let 
us consider compounds with one functional group. The following steps 
describe how the compound [A] is named. 

CH 3 -CH-(jH-CH3 

OH CH 2 -CH 2 -CH 3 
[A] 

a) Chose the longest chain containing the functional group. The parent 
chain on this basis is hexane. 

b) Number the carbons in such a way that the carbon bearing the 
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functional group gets the lowest possible number 

1 2 3 

CH 3 -CH-CH-CH 3 

OH CH 2 -CH 2 -CH 3 
4 5 6 

c) Table. 5 gives a list of suffixes corresponding to a particular 
functional group. For the above compound the suffix is -ol. 

,d) The e at the end of the name of the alkane is replaced by the 
appropriate suffix corresponding to the functional group. The compound 
therefore is a hexanol. 

e) A substituent (methyl) is at the carbon numbered 3 

f) The compound therefore is 3-Hethyl-hexan-2-ol, or 3-Methyl-2- 
hexanol. 


Table 5. Prefixes and Suffixes for some groups. 


Functional groups 

Prefix 

Suffix 

-COOH 

Carboxy-. 

-oic acid 

-SO 3 H 

Sulpho- 

-sulphonic acid 

-CONH 2 

Carbamoyl- 

-amide 

■ -CN 

Cyano- 

-nitrile 

-CHO 

Oxo- 

-al 

-C=0 

Oxo- 

-one 

-OH 

Hydroxy- 

-ol 
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Prefix 


Suffix 


Functional groups 


-nh 2 

-c=c- 

-c=c- 

-Br 

-Cl 

-F 

-I 

-N0 2 


Amino- -amine 

-ene 

-yne 

Bromo- 

Chioro- 

Fluoro- 

Iodo- 

Nitro- 


What if the functional group itself contains a carbon atom ? Examples 
are -COOH, -CHO, ^C=0, -C=N. Naming such compounds is illustrated 
below using the example 

ch 3 -ch 2 -ch-cho 

Br ' 

[B] 

a) The carbon atom of the functional group is also included' in 
numbering the carbon atoms and deciding the name of the parent chain* 

b) The above compound is therefore derived from butane 

c) The functional group is included by the suffix -al (Table 4*) 

d) The compound [Ej therefore is 2-Bromobutanal 
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If a functional group is a keto group <c—u 

y up u —o> it can occur only 
somewhere in the middle of the chain as in 

ch 3 -c-ch 2 -ch 2 -ch 3 

0 

I Cl 

in such cases the numbering of the carbon atom, is so done that 
the carbon of the keto group gets the lowest possible number. The ' 
compound [Cl is 2-Pentanone and not 4-Pentanone. 


Q.7 Name the following compounds using the above scheme 


a) CH 3 -CH-CH 2 -CH-NH 2 
CH 3 Br 


b) ch 2 -ch 3 

CH3-C-CH2-CH-CH3 
OH Cl 


c) 


9 0 3 


CH 3 -<j:H-<j:H-C-CH3 
H3CO Cl OH 


Q.8 Write the structures for the following compounds. 

a) 3-Bromo-2-chlorobutanoic acid 
'b) 3-Methoxy-4,4-dimethyl -2-pentanone 
c) 4-Bromo-2-methylbutannitrile 


4.7: Compounds with more than one functional group: 

Next we must consider the scheme for naming compounds with more than 
one functional group. An example of such a compound is 
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OH 

CH3-i-CH2~CH2-COQH 

CH 3 

Is it to be named as a carboxylic acid or as an alcohol? 

a) The IUPAC system has suggested an order of priority for the various 
functional group 3 in its scheme of nomenclature. The list in Table 5 
is in the decreasing order of priorities, as per this recommendation. 
This means, when both -COOH and -OH occur in a corrpound as in the 
above example, it should be named as a carboxylic acid, and not as an 
alcohol. 

b) The -OH group which is lower in priority becomes a prefix in the 
name of the compound. Remember that this is the status that we have 
given to the substituents in the scheme of nomenclature. Therefore the 
above compound is a hydroxycarboxylic acid. 

c) The rules for decision about the parent chain is applied as 
discussed earlier assuming the higher priority group as a functional 
group.The name of the compound is 4-Fiydroxy-4-methyl2pentanoic acid. 

Given below are some examples where the above guidelines for naming 
compounds with more than one functional group are used. 

HgC O 

l H 

4,4-Dimethy1-3-oxopentanoic acid 


2-Amino-3-hydroxybutanoic acid 


a 1 


CH3-C-C-CH2-COOH 

CH 3 


b) 


OH NHo 

I ! 2 

CH 3 -CH-CH-C 00 H 


c) 


OH OH 0 

I I II 

CH 3 -CH-CH-CH 


2,3-Dihydroxybutanal 


d) CH2=CH-CH-C00H 

^3 


2 -Methyl- 3 -butenoic acid 
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<fH 3 

e) CH2-C-C-CH 2 C1 

H 3 C O 


l-Chloro-3,3-dimethyl-2-butanone 


HC-CHt-CH-CHoCI 4-chloro-3-nitrobutanal 

B I 

o no 2 


g) 


CH 3 -C-CH7-CH-CN 

■ II il 

o 0 CH 3 


2-Methoxy-4-oxo-pentannitrile 


q. 9. Give structures for the following compounds. 

a. l-Chloro-6-ethy l- 3 -methyi- 4 -octanol 

b. 2-Fthyl-6-hepten-l,3-diol 

c. 3-Amino-l, 1 , l-trichloro-i-pentanthiol 

d. 2,2-Dimethy 1-3-oxo-butansulphonic acid 

Q. 10 . Give the IUPA'C names for the following compounds. 

a. Cl-CH 2 -CH-CH2-CH-COOH 

ia3 OH 

b. CH 3 -C-CH 2 -Cj:H-CH2-^H-CH2-CHO 

CH 3 , ch 3 

9 

c. CH 3 0“CH2-CH 2 -NH2 

d. ch 2 =ch-ch 2 ~CH-cho 

ch 3 
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c 6 h 5 

f. CHo-C'CHt-CH-CH-C-CHt 
J II I II J 

0 CsH 5 0 


4.8: IOPAC convention for naming acid derivatives: 

Now, let us take up the question of naming compounds, which, the IL'PAC 
scheme considers as derivatives of carboxylic acids. 

a) Acid Halides: They are named by denoting the acyl group 
followed by the name of the halide. The names of acyl groups are 
constructed by replacing the -ic acid ending of the carboxylic 
acid by -yl. 

0 9 

CH 3 -CH 2 -CH-C-CI derivative of CHt-CHt-CH-c-oh 
I J - | 

Br Br 

2-Bromobutanoy 1 chloride 2-Bronobutanoic acid 


b) Acid Anhydrides: They are named by adding the word anhydride to the 
name (or names) of the corresponding carboxylic acid (or acids). 

0 0 o 

H II ? 

CH3-C-O-C-CH3 derivative of CH3-C-OH 

Ethanoic anhydride Ethandic acid 


c) Esters: Names of esters are formed from the alkyl or 
attached directly to oxygen, followed by the name of the 
acid with the suffik -oic acid changed to -oate as it is 


arvl group 
corresponding 
for salts. . 
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CH 3 TC-OCH 3 derived from 
0 

Methyl ethanoate 


CH3-C-OH 

J II 
0 

Ethanoic acid 


0 




c 6^5 - 0 -c-CH 2~ ch 2 -ch 3 derived from HO-C-CH 2 -CH 2 -CH 3 


Phenyl butanoate 


Butanoic acid 


If the ester group is of lower priority, it will go as a 
prefix, i.e., carboalkoxy 


O 

-C- 0 -CH 3 

Carbomethoxy 


0 

-H- 0 -CH 2 -CH 3 

Carboethoxy 


and so on 


d) Amides: The name is based on the name of the acid from which 
amide is derived and the suffix -oic acid is replaced by -amide. 

O 0 

C 6 H 5 ~CH 2 -CH 2 “^-NH 2 derived from C6 H 5 -CH 2'' CH 2-'k“ OH 

3-Phenylpropanamide 3-Phenylpropanoic acid 


Q.ll. Draw structures for the following compounds. 

-a) Butanoyl chloride 

b) 3, 3-Dichloropentanoyl chloride 

c) Ethyl 2,3, 4 -triethylhex- 2 -enoate 

Q.12 Give IUPAC names for the following compounds. 
0 

a) CH 3 -CH 2 -CH 2 'C- 0 -C(CH 3)3 


the 
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b) CH 3 


? f 

-c-o-c- 


. 

CH2-CH2-CH-CH3 


4.9: Nomenclature of Aromatic Compounds: 

Now we shall take up IUPAC rules for the nomenclature of aromatic 
compounds with different functional groups attached to the aromatic 
nucleus. Sone of the trivial names corresponding to aromatic 
compounds with different functional groups are retained as such and 
they are illustrated in Table 6. 


Table 6. 


Compound Name Compound Name 
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Comp° un< ^ 



Name 


o-Toluidine 


Benzoic acid 


Compound 



Name 


o-Anisidine 


Benzaldehyde 


If there are two or more groups attached to the aromatic nucleus, the 
atoms of the ring are numbered, and the positions of the groups are 
indicated by numerals. The Carbon atom of the nucleus attached to the 
highest priority functional group (Table 5) is assigned the number 1. 
The direction for numbering the other positions in the ring is so 
chosen that it results in the smallest set of numbers when all the 
substituents are located. Some examples are given below. 


a) 


b) 



2.5- Dimethylbenzaldehyde 
and not 

3.6- Dimethylbenzaldehyde 

Methyl 5-methoxy-2-nitrobenzoate 
and not 

Methyl 3 -methoxy- 6 -nitrobenzoate 


c) • ^ cooH 

CT 

OCH^CHj, 


3-Ethoxy-4-methoxybenzoic acid 
and not 

5-Ethoxy-4-methoxybenzoic acid 
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Summary 


We have discussed here the special features of the carbon atom that 
enable it to form a large variety of compounds. The various ways in 
which different atoms or groups of atoms can be attached to the carbon 
skeleton are described. The IUPAC recommendations for naming the 
organic compounds which is based on their structures are presented. 
The general principles of structural nomenclature are formulated as 
follows. ' 

1. The name of an organic compound describes its structural formula. 

2. The basis of a name is formed by the main chain; the .choice of 
which is regulated by definite rules. 

3. The atoms of the main chain are numbered in a definite order. 

4. The position of the side chain and other substituents are 
designated by prefixes and suffixes with indication of a numeral for 
the atom of the main chain at which the substituent is located. 

5. The choice of designating by a suffix or a prefix depends on an 
order of priority assigned to various groups. 

EXERCISES 

I* Give IUPAC names for the following organic compounds. 


1. CH3-CH2~C=CH-CH-CH20H 

NH2 CH2-CH2-CH3 


CH 3 -CH-NH 2 

OH 


3. C 2 H 5 -NH-CH 2 -CH=C-CHO 

C2H5 

4. CH3-O-CH2-CH 2 -C=CB-CH2-CH20H 

c 2 h 5 
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5 - 

6 . 

~7 - 

8 . 

9 . 

10 , 

11 . 

12 . 

1 3 - 

1 4 - 


CH2-CH-CH-COOH 
CH3-CH-CH 3 


CN-CH 2 -C—CH-CH 2 -CN 

1 , 

Cl 


o o 

11 II 

Cl—CH 2 -C—CH2-C-OH 


CH2=CH-CH2-CH-CH=CH-CH 2 NH2 

ch 3 


SOiH CH 3 

| I 

CH3-CH-CH2-CB-CgBs 


CH3-CH-CH2-ch-co 2 h 
so 3 h C 6 H 5 



ch 3 

CH=CH 2 -CHDr 2 



CH-CH 2 -CH3 

I 

ch 3 


r 



o 


-ch 2 -ch 2 -c-cj 



CH 2 — C—CB 2 -CH-COOEt 

o cl 
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15. 


V&v/V^' 




II. Give appropriate structures for the following compounds, 

1. 3,4,5,5-Tetraroethylcyclooctanaroine 

2. 4,6-Diterbutyl-3-decanol 

3. 2,2-Dimethyl-4'hexenoic acid 

4. 3,3.-Dichloro-2-nitro-4-heptenaniide 

5. 2,4,6-Tricyclohexy1cyclohexanone 

6. 1,1,1-Trichloro-2,2-di(4-chloropheny1)ethane 

7. 3,4,6-Trinitrocatechol 

8. 2,6-Diterbutylanisole 

9. 4-Methoxy-2-methy1-1,3,6-heptatriene, 



CHAPTER - 5 


STRUCTURE AND STEREOCHEMISTRY OF ORGANIC MOLECULES 
Introduction : 

We have learnt about the shapes of simple organic molecules. 
Geometries around each carbon atom in an organic molecule can be 
known and on this basis we can decide about the general shape of 
the entire mole.rule. For instance in e-.nane you would predict the 
geometry around each carbon atom to be a tetrahedron. The 
molecule therefore is a combination of two tetrahedra. However 
the molecules can undergo rotation around the carbon-carbon 
single bond, resulting in different orientations of the two 
tetrahedra with respect to each other. The various spatial 
arrangements arising out of rotations about carbon-carbon single 
bond are called Conformers. Among the various conformers that are 
possible,those which represent the lowest energy (highest 
stability ) are most likely to be preferred. What if the 
rotation about carbon-carbon bond is restricted ? One such 
restriction arises in the case of saturated cyclic systems. There 
are several carbon-carbon single bonds in cycloalkanes, each of 
which in principle has a freedom of rotation. But when we take 
the molecule as a whole, all of them will not be able to rotate 
with the same freedom simultaneously. Restriction operates in 
this sense. The number of possible conformers is hence reduced. 
When there is a carbon-carbon double bond in a molecule, the 
rotation is further restricted. This leads to isomers having the 
same structure but different spatial arrangements. Such isomers 
are called stereoisomers. Restricted rotation due to the presence 
of a double bond results in a type of stereoisomerism called 
geometrical isomerism. 

Another type of stereoisomerism occurs when a given carbon atom 
in a molecule is attached to four different atoms or groups of 
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atoms. Such systems with one asymmetric carbon atom can have two 
configurations. These have object and mirror image relationship 
and are call led enantiomers. Each enantiomer rotates plane 
polarized light in a specific direction. They are called optical 
isomers . 

Thus spatial arrangements in organic molecules ■ have many 
interesting possibilities. This is the subject of study in this 
lesson. In addition, we shall also learn some of the conventions 
used in representing these various conformations and 
configurations. 

5.1: Molecules assume different conformations due to rotation 

around carbon-carbon single bonds: 

In principle, carbon-carbon single bond rotation in a molecule 
should be completely free . What are the possible orientations 
that a molecule like ethane can assume if free rotation about the 
carbon-carbon bond is allowed ? Let us imagine that one methyl 
group of the molecule ethane (CH 3 .-CH 3 ) is rotated around the 
carbon-carbon bond axis with the other group at rest. As one side 
of the molecule rotates through 360° relative to the other, two 
extreme orientations or conformers are possible. They can be 
represented as follows. 



Fig.l: Newmann and Sawhorse projections of Ethane molecule. 


Figures 1(a) and 1(b) are called Newman projection formulae for 
the possible conformations of ethane. These are obtained by 
viewing the molecule directly down the carbon-carbon bond axis. 
The front carbon is represented by a central point from which the 
remaining bonds emerge. The rear carbon atom is depicted by a 
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birds- Another way of representing the conformations is through 
Sawhorse projection as shown in 1(c) and 1(d). This is a 
perspective drawing meant to convey a three dimensional 
appearance . These are best Understood by constructing ball and 
stick models of the molecule and viewing them as instructed 
above. 

In the projections 1(a) and 1(c), each carbon-hydrogen bond of 
the rear carbon is eclipsed by a carbon-hydrogen bond of the 
front carbon. It is therefore called eclipsed conformation- In 
contrast, the carbon-hydrogen bonds in 1(b) and 1(d) are in a 
staggered conformation. Which, would be a preferred orientation 
for ethane ? This depends upon the relative energies of the two 
orientations. You should remember that the lower the energy of a 
molecule the greater will be its stability. The more stable 
orientation is the preferred conformation. 

Repulsive interaction between bonds on adjacent atoms results in 
restricted rotation. The energy changes involved when one methyl 
group of ethane is rotated through 360° relative to the other is 
shown in Fig. 2. 



Angle, of Roto-t'ion 

Fig.2: Energy Barrier for rotation «*bout a C-C single bond 

in Ethane 

It can be seen from Fig- 2 that the energy of the eclipse 
conformation is greater than that of the staggered conforroatio 
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However, the potential energy barrier of a;.out 12 kJ. mol-1 is 
small and at room temperature, thermal energies are sufficient to 
overcome this barrier. The two conformers are therefore 
interconvertible. Ofcourse the staggered confor'sation is the 
preferred form and its population is greater than that of the 
eclipsed conformation. That is, in a given collection of ethane 
molecules, the number of molecules in the staggered form is 
larger than the number in the eclipsed form. 

* 

Rotation about the central carbon-carbon bond, of butane 
illustrates the different spatial orientations that can arise. As 

». O 

one side of the molecule rotates through 360 relative to the 
other, three eclipsed and three staggered conformations are 
possible as shown in Fig. 3. 



Fig.3: Conformations of the Butane molecule 


The conformation 3(d) in which the methyl groups are farther 
apart is known as staggered (or anti) and it is the most stable 
orientation. The steric repulsion between methyl groups is 
maximum for the conformation 3(a) and it is called a fully 
eclipsed conformation. The conformers 3(b) and 3(f) are called 
skew and 3(c) and 3(e) are called eclipsed arrangements since 
.energy associated with methyl-methyl interaction is greater than 
that of a methyl-hydrogen interaction. 

The relative energies for the rotation are depicted in Fig. 4. 
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Fig. 4 : Energy Barrier for rotation about the C-C- single bond 
in Butane. 

r 

The rotational barriers are small even in this case and 
essentially free rotation occurs. However J the staggered 
conformation if.'- the most stable and the calculated percentage of 
this form is 70 at 25°C. 


Ql. Draw sawhorse projection formulae for the different 
conformers of butane. 


So far, we have discussed about the conformations of alkanes-. Let 
us now consider the case of a substituted alkane, viz., 1,2 
dichloroethane. How many conformers are possible for 1,2- 
dichloroethane? Just as in the case of n-butane, we can expect 
four conformations - fully eclipsed, eclipsed, skew and 
staggered. Here also the staggered conformation should be the 
most stable. In fact there will be a. greater proportion of the 
staggered conformers here than in the case of butane. To explain 
this, some new interactions will be considered. The C-Cl bond is 
more polar than either C-Cmethyl (in butane) or C-H bond (in 
ethane). Therefore this dipole-dipole interaction between 
halogens comes into play. The dipole-dipole interaction will be 
makimum for the fully eclipsed and minimum for the staggered 
arrangement. In addition, the steric interaction between adjacent 
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chlorine - atom 3 also tends to increase the energy and forces the 
molecule into a staggered conformation. 

In line with the above discussion, it is possible tor us to draw 
different conformers for the ethylene glycol (HOCH 2 “CH 2 ~OH) 
molecules. On the basis of both steric and dipole-dipole 
interactions between the OH groups, one is likely to conclude 
that the staggered conformation is more stable than the skew 
conformation. However, the skew form has a certain advantage over 
the staggered form. The proximity of the 0-R groups in the skew 
form permits intramolecular hydrogen bonding (Fig. 5) between the 
-CH groups. This would stabilize the molecule by about 30. kJ mol”'*' 
and is large enough to ma^e the skew form more stable than the 
staggered arrangement. 



H 


Fig.5: Intramolecular hydrogen bonding in ethylene glycol. 


C?. If intramolecular hydrogen bonding stabilizes the skew 
conformation, it should be more so in the eclipsed form. Why is 
the skew form more stable than the eclipsed form ? 


Thus there are a number of factors which affect the stabilities 
of conformers. <Vhen the stability of a molecule is decreased by 
internal forces produced by interaction between constituent 
parts, the molecule is said to be under strain. The following are 
the principal sources of strain a) steric factor, b) dipole- 
dipole interaction and c) bond—opposition• 
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5.2: Rotation about single bonds in cyclo alkanes is restricted 
by structural constraints of the ring: 

So far we have discussed the conformations of some open chain 
compounds. Due to free rotation about carbon-carbon single bonds, 
these, open chain compounds can assume various conformations. 
However, such a free rotation is restricted if the carbon atoms 
are locked in a cyclic system. The simplest among the 
cycloalkanes is cyclopropane, in the cyclopropane molecule the 
C-Cbonds form the sides of an equilateral triangle. This 
compresses the C-C-C bond angle and represents a large departure 
from the tetrahedral angle. The molecule is put into a great deal 
of angle strain. In sharp contrast to alkanes, cyclopropane is 
therefore highly unstable and hence very reactive. For example, 
cyclopropane undergoes bromine addition like an alkene to form 
1,3 — dibromopropane and on pyrolysis is converted into propene . 
Similar angle compression, with a resultant strain is also 
observed in cyclobutane. Cyclopentane arid cyclohexane are the 
most common cycloalkanes and they have the minimum angle strain. 
We shall restrict ourselves to the study of cyclohexanes in this 
lesson. 

Six membered ring systems exist in nonplanar puckered 
forms.Cyclohexane is unique in the sense that a conformer for the 
molecule can be constructed with all the bond angles tetrahedraj 
and all the six C-C bonds in a staggered conformation. This 
conformation is called the chair conformation of cyclohexane and 
is illustrated i:; Fig.6(a). The drawing is meant to convey a 
three dimensional perspective. 



Fig.6(a): Chair conformation of cyclohexane. 
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The other conformation possible for cyclohexane is the boat form 
shown in Fig,6(b). 

i 


Fig.6(b): Boat conformation of cyclohexane. 




Now. let us compare the stabilities of the .chair and boat 
conforrners of cyclohexane. On close examination . of these two 
conformations, we find that there is no an strain. In the 

chair form-all the C-H bonds on adjacent carbons are- in the skew 
arrangement, while in the boat form there are four skew 

interactions (1,2; 3,4; 4,5; 6,1) and two eclipsed interactions 
(2,3; and 5,6).In addition, the hydrogens at 1 and 4 positions 
(marked a and b) in Fig.6(b) come closer to a distance of 1.; ‘. 3 A 
which is considerably less than the sum of the vander waals’ 
radii (2.5 A) of two hydrogen atoms. This introduces a large 
steric strain. These two hydrogens in the boat conformation are 
called flag-pole hydrogens.Hence the interaction is called flag¬ 
pole interaction. The total strain in the boat conformation is 
much more tiian in the chair conformation and hence it is less 
stable than the chair form. 


ig.6(a) shows “hat the twelve hydrogen atoms 
conformation are not equivalent. There are two set 
bonds. In one of these sets, the six C-H bonds are 
imaginary axis paas<ng through the average plane of 


in the chair 
s of six C-H 
parallel to an 
the mo let. 3e 


.(Fig,7). 



Fig,7, Axial bonds in cyclohexane. 
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These bonds are called axial bonds. The other six C-H bonds lying 
in the plane of the ring are called equatorial bonds (Fig.8). 

H- 

x 

Fig.8: Equatorial bonds in cyclohexane. 

The various C-H bonds in the boat form are designated as follows 
(Fig. 9). 

fp = flag pole 
bs = bow sprit 
ba = boat axial 
be = boat equatorial 




Fig.9: Designation of bonds in boat conformation 
of cyclohexane. 


At room temperature, almost all the molecules in a sample o. 
cyclohexane would be expected to be in the chair conformation. 
But as the energy difference between the two conformers is just 
37-46 kJ mol -1 , some flipping of the chair form to the boat form 
is possible. However, since the chair form is more stable than 
the boat form we shall restrict our discussion to this form only. 
Table 1 presents the distances between some of the hydrogen atoms 
in the chair conformation 
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Table 1. 


position H -- ll (A) 


le 

2e 

2,49 

le 

2a 

2.49 

la 

2a 

3.06 

la 

3a 

2.51 


The above table shows that the interaction between hydrogen atoms 
in le, 2e; le, 2a; and la, 3a are about the same. Nevertheless, a 
study of accurate scale models shows that for any axial 
substituent ( which is necessarily larger than hydrogen ) the la- 
-3a interactions are larger than le—2e or le — 2a interactions. 
The interaction between the substituent and the hydrogen at the 1 
and 3 axial positions is called 1,3 -diaxial interaction. You 
should prepare models of the two forms using ball and stick to 
clearly understand the description. With this background we can 
now proceed to a study of the conformations of cyclohexane 
derivatives. 

\ 

l 

Even at room temperature, one chair conformer can flip over to 
the other chair conformer. This can be understood by flipping the 
left., end of the conformer (A) up and right end of the conformer 
down as shown in Fig.10. This results in the conformer B, In 
what way do A and B differ from each other ? 




g-10. Flipping of one conformer to another in cyclohexane. 
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On flipping, all the a,-.al ar:< equatorial bonds in (A) now bee: me 
equatorial -nd axial respective y in (B). The two are identical, 
'if, however, one of the hydrogen: is replaced by some other atom 
or group, the two forms are not i-.:;:ntical r.g, methyl cyclohexane 
(Fig.11) • 



Fig. 11: 1,3-Diaxial interactions in methyl cyclohexane. 


The form in which the methyl is equatorial is more stable than 
that in which methyl is axial. In the axial methyl arrangement 
there are 1,3-diaxial interactions wheras in equatorial methyl 
conformation these interactions are absent. Hence equatorial 
methyl cyclohexane is the preferred form. Experimentally it is 
found that at room temperature the equatorial conformer exists 
to the extent of about 95%. Table 2 shows the percentage of 
equatorial conformers for seme selected mono substituted 
cyclohexanes. 



Table 2 


cyclohexane derivative % of equatorial conformer 



Buty lcyclghexane 
Ethylcyclohexane 
Cyclohexanol 
Cyclohexanoic acid 


100 

98 

75 

94 
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Though in most of the cases th amount of equatorial conforraer 
exceeds that of the axial cor orners, the activation energy for 
flipping from the nest stab s to the least stable conformer or 
vice-versa is only o' the order of 10 kJ nol In any sample, 
here will be an equilibrium depending upon the nature of. the 
substituent. t-Butyl group is so large that it will not tolerate 
the conformation flip into an axial orientation. Hence it is 
often used to lock a substituted cyclohexane in just one of its 
possible chair conformations with the t-butyl group at the 
equatorial postition. 

Mow let us briefly discuss the conformations of disubstituted 
cyclohexanes. Interestingly, disubstituted cyclohexanes exhibit 
position isomerism and stereo isomerism. What are the possible 
position isomers for a disubstituted cyclohexane ? Let us answer 
this question by taking an example of a disubstituted 

cyclohexane with two identical substituents 

eg.Dimethylcyclohexane. There are three possible isomers : 1,2- 

dimethy i eye lohexane i 1,3-dimethylcyclohexane and 1,4-dimethyl 
cyclohexane. Far each of these isomers, various conformational 
isomers are possible. For example 1,2-dinethylcyclohexane can 
have three isomers: le^e dimethylcyclohexane, la , 2e dimethyl 
cyclohexane and la ,2a (or la,2,e) dimethylcyclohexane. Let us 
arrange these 1,2-dimethyl cyclohexanes in the order of their 
stabilities. Keeping the principle that any group other than 
hydrogen prefers to occupy an equatorial position, we can 
conclude that le, 2e dimethylcyclohexane is stabler than le,2a 
and la, 2e dimethyl cyclohexanes which in turn are stabler than 
la, 2a dimethyl cyclohexane. 

On the same basis, we can write the possible conformational 
isomers for 1,3 and 14-dimethvl cyclohexanes and draw inferences 
about their relative stabilities. 
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Q3. Write the possible conformations for 1-ethyl-2-methyl - 
cyclohexane. Arrange the conformers in the increasing order of 
their stabilities. 


In addition to position and stereoisomerism these disubstituted 
eye 1 oh ex ares can also exhibit optical isomerism. We shall learn 
more about it later. In general it can be concluded that 

a? chair conformations are more stable than boat conformations, 
b) the most stable chair conformations are those in which the 
largest groups are in equatorial positions. 

However, there are exceptions to these generalisations. These 
exceptions can be explained within the framework of the 
principles enumerated above. 


5.3: Configurational isomers are possible if a compound contains chiral 
centres: 

So far we have learnt about one type of stereoisomerisr called 
conformational isomerism. These isomers arise out of C-C single 
bond rotation. The various isomers are interconvertible even at 
room temperature and hence cannot be isolated as seperate 
compounds except iri special cases of restricted rotation. Now we 
shall study about another kind of stereoisomerism called optical 
isomerism. This isomerism owes its existence to tetrahedral 
geometry of the saturated carbon atom in a molecule. These 
isomers, unlike conformational isomers, can have an independent 
existence and they interact with plane polarized light. Now we 
,il consider their nature, their properties and the ways of 
depicting their structures. 
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Let us begin our study with simple derivative i of methane. Any 
compound that contains a carbon bonded to four other atoms can be 
considered to be a derivative of methane and the four groups 
attached to it are tetrahedrally oriented around the carbon. If a 
carbon atom in a molecule is attached to £■: .r different atoms or 
groups, two spatial orientations or configurations are possible. 
Fig.12(a) and 12(b) show the two possible configurations of the 
molecule lactic acid CH3CH(0H)C00H. 



(a) (b) 


Fig.12; Enantiomers of Lactic acid - three dimensional 

projections. 

*. 

In both the projections above the central carbon atom (marked C*) 

is in the plane of the paper. The groups-CHg, -OH, -COOH are 

above the plana of the paper and the hydrogen A s below the plane. 
In the projection (a), the sequence of groups -OH and -CGOCH 3 , 
-CH 3 is in the cIock-' .a direction, whereas in \b) the sequence 
is anticlockwise. consequently 12 (a) is the mirror image of 
12(b). If the models are constructed following the above 

sequences the two are not super imposable on each other. 
Configurations that are related to one another as n:n-. 
superimposable mirror images are known as Enantiomers. These 
enantiomers are related to one another in the same way as the 
right hand is related to the left hand. Molecules that are 

related in this manner are said to be chiral. The central carbon 
atom (marked C*) is called the chiral atom or the chiral centre 
of the r.olecule. A molecule that contains a chiral carbon can 
.also be referred to as an asymmetric carbon atom because it does 
rat possess any symmetry. 
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5 . 4 : Three dimensional molecular models can be represented by 
plane projections: 

Now let us see how these configurations can be represented on 
paper. One way of presenting them is by three dimensional 
projections as in Fig.12. These projections can also be rotated 
in such a way that the groups -COOH and -OH are above the plane 
of the paper and the groups -CH 3 and -H are below the ■ plane of 
the paper. Such a representation is given in Fig. 13.. ( Using the 
ball and stick models you can see the difference between these 
ways of locking at the model.) 



Fig. 13: Enantiomers of Lactic acid - wedge representations. 

In the above representation the central carbon is in the plane of 
the paper . . The Solid wedges (dark lines) represent bonds 
projecting out of th£ J plane of the paper and the broken wedge 
represent bonds projecting behind the plane of the paper. However 
it is not always convenient to draw such three dimensional 
perspectives. Fischer projection is a method of representing this 
in two dimension. Fig .14 shows how this conversion from a three 
dimensional representation to a two dimensional projection can be 
done. The four groups as well as the central carbon atom are in 
the same plane in Fig.l4 ? This has been achieved by compressing 
the three dimensional representation (Fig.13). 
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ch 3 


? 3 . 


HOOC- 


*OH HO- 


H 


■COOH 


Fig.14: Enantiomers of Lactic acid - Fischer projections, 


According to Fischer's convention, the chiral carbon atom is 
understood to be located where the lines cross. The horizontal 
line represents bonds „above the plane of the paper and the 
vertical line represents bonds below the plane of the paper. 


Q4 (a). Write Fischer projection formulae for the following three 
dimensional representations. 


CHO 

f 

ho C C. H3 

§5 

H 



Q4 (b). Write the three dimensional representations for the 
following Fischer projections. 


COOH 


H2N- 


COOH 


-00 


h 3 c- 


-Br 


H 


H 


In testing the superimposability of the two dimensional 
representations of the three dimensional molecules. We must 
follow a certain procedure and obey certain rules, 
a) Use these representations only for molecules that contain a 


175 


chiral centre. 

b) Draw one of them and then draw the other as its mirror image 

c) Slide these projections or rotate them through 180° in the 
plane of the paper. 


q 5 . Write the three dimensional and corresponding Fischer 
projections for the . enantiomers of 2-butanol, 3-chloro-2- 
methylpentane and 2-bromo-l-chlorobutane. In each case'mark the 
asymmetric carbon atom. 


You’ have now seen how configurational isomers can be represented. 
Now let us consider how to designate them. The accepted 
convention for designating these configurational isomers is by 
Cahn-Ingold-Prelog system. Naming according to this system 
requires the following steps. . 

step 1: Assign an order of priority to the four atoms or groups 
attached to the chiral centre. The order is based on atomic 
number. 

< :.) Substituents are listed in order of decreasing atomic number 
of the atom directly joined to the chiral carbon. For 
example, if the groups attached are-CH^, -OH, -Br and -H, 
then the order of priority is-Br >-OH >-CH 3 >-H. 

b) When- the atoms (or groups) connected directly to the chiral 
carbon are the same then the atomic number of the second 
atom in the group determines the order. If the order cannot 
be determined with the, second carbon atom then the third 
atom in the group should be considered to asssign the 
priority. For example if the groups are (CH 3 ) 2 ^H-, CH 3 -CH 2 » 
-COOH, -CH 3 the decreasing order of priorities will be -COOH, 
(CH 3 )jCH-, CH 3 -CH 2 -and-CH 3 . 
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c) When- double or triple bonda are present both, the atoms 
connected by multiple jonds are considered to be duplicated 
or triplicated as given in Table 3. 


Table 3 


groups 

treated as 

groups 

treated as 

H 

H 

, / 

0 -C 

! 

-i=o 

-i-o 

-C-OH 

-C-OH 


II 

0 c 

II 

0 

) 

6 


c c 

1 1 


N C 

1 1 

-C=CH 

1 1 

-C-C-H 
! 1 

-C=N 

-C-N 

1 I 


1 1 
c c 

n 1 . 

V 

N C 

the groups attached to the 

chiral carbon 

are -COOH, 

-CQOCH 3 , -CHO 

and -OH the 

decreasing order of priorities 


are -OH, -COOCH 3 , -COOH and -CHO. 

d> Finally, if two atoms are isotopes of the same element, the 
atom of higher mass number gets the priority, eg.-D >-H. 


Q 6 : Arrange the following groups in the decreasing order of 
their priorities. -CH 2 OH, -CH 3 , -CHO, -CH(OH)CI 33 , -COOH, -SO 3 H 
and-N02- 


Step 2; Visualize the molecule oriented in such a way that the 
group of lowest priority is directed away from the viewer. 
Observe the arrangement of the remaining groups. If the 
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decreasing order of priorities of groups are in the clockwise 
direction, then the configuration is termed as R (latin rectus, 
right ); if anticlockwise, the configuration is termed as S 
(latin sinister, left). 

Let us decide the configurational nomenclature for the 
enantiomers of lactic acid given in Fig.15, 

COOH 


c" 



Fig.15 

In the above projection, the chiral carbon is in the plane of the 
paper. The groups-OH, -COOH, and-CHj are in the front plane and 
the lowest priority group -H is in the back plane directed away 
from the viewer. Let us apply the steps 1 and 2 and designate the 
configuration. 

step 1: The decreasing order of priorities of the groups are 
-OH, -COOH, -CH 3 and -H. 

step 2: The lowest priority group is at the back plane as 
required by the rule and the arrangement of the remaining groups, 
highest to the lowest is in the clockwise direction and hence 
the given configuration is designated as R. The compound is named 
fts (r)- Lactic ac-tM (Fig.16) 


Fig.16 
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Fig. 

Q7: Represent on paper the mirror images o£^l6 and determine the 
configuration. 


Let us interchange the groups -OH and -CH 3 in the above 
projection (Fig.16). The configuration after interchange is given 
in Fig. 17. By applying steps 1 and 2 of the Cahn-Ingold- Prelog 
system, we can. conclude that the configuration represents <S)- 
Lactic acid. 


CCOH 


Fig.17 


A 


How do we designate the configuration of the molecule if it is 
represented by a Fischer projection ? An example i 3 given in 
Fig. 18 . 


Fig.18 


-CH 2 CH 3 


A beginner may find it easier to work with a three dimensional 
model. Construct a model. We have learnt that the wedge formula 
is a way of representing a three dimensional structure. Fig. 19 
corresponds to the model you have constructed. Note that in 
Fig. 19 the groups-OH and^CH} are in the front plane and the 
other two groups are in the back plane. 

Fig,19 ^ 


H 
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This SP^hial arrangement is in agreement with the Fischer 
projection given in Fig.18. Rotation of the projection in Fig. 19 
in such a -ay that the lowest priority group -H is directed away 
from the viewer results in the configur-jtion given in Fig.20. 
(Perform this operation with the model also).. 

Fig.20 


This configuration represents (S)-2-butanol. Therefore the 
Fischer projection in Fxg.18 corresponds to (S)-2-butanol. 


Q0: a) Interchange the position of groups -OH and -CH 3 in the 

Fischer projection (Fig.18) and assign the 
configurational nomenclature. 

k>) Interchange the position of -OH and -CH 3 and later -OH 
and -CH 2 CH 3 groups and determine the configuration. 

c) Rotate the projection (Fig. 18) through 90° in the plane 

of the groups, ie., make two interchanges, and 

designate R or S. 

d) Rotate the projection (Fig.18) by 180° and designate 
configuration R or S. 



n the light of the answers to the above set of questions, you 
lave come to know that, one interchange of groups either in the. 
hree dimensional projection or in the Fiehoer projection leads 
,0 a configuration opposite of the original. Then 
configuration is said to be inverted. Two interchanges of groups 
.n e projection lead to a projection with the same configuration 
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as the original . Then t.'.e configuration is said to be 
retained, ie., the configuration obtained after interchange 13 
the same as that of the original. This simple principle can help 
us co designate the configuration of molecule: represented by a 
Fischer projection without going through the three dimensional 
projection. Let us consider the following configuration of 
jtijceraldehyde (Fig.21). 


Fig.21 


CHO 


■OH 


CH2OH 


In the above projection the lowest priority group -H, is in the 
front plane (Fischer convention). In order to designate the 
configurations the lowest priority group -H, should be pushed to 
the back plane (i.e., the hydrogen is to be placed in the 
vertical line of the Fischer projection). How can we write a 
suitable Fischer projection, with the -i-I in the vertical plane, 
without changing the original configuration ? We know that two 

A 

interchnges retain the configuration.Let us interchange the 
positions of -H and-CH 20 H and then interchange the positions of 
the other groups -OH arid.-CHO in Fig.21. This results in the 

I 

Fischer projection given iii Fig. 22. 


Fig.22 


OH 


hoh 2 c 


CHO 


H 

The next step is to find out the sequence of groups (highest to 
lowest) other than hydrogen in the projection represented above 
(Fig.22). The decreasing order of priority of the groups (-0H, 
■CHO, -CHgOH) is in clockwise direction and hence the 


the 
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configuration is R and the compound is (R)-Glyceraldehyde. 


(Q9: a > Write the mirror image of Fig22 and designate the 
configuration. 

b) Assign R or S for the following configurations. 


Cl 


CH 3 CH; 


H 


-H 


H 2 N~ 


ch 3 


CHO 


-OH 


Br- 


CH 3 


-OH 


ch 3 


c) Write Fischer projection for: 

i) (S)-2-Methylbutanol and ii) (R)-2-Bromobutane, 


In summary# a compound containing one chiral centre can have two 
spatial orientations or configurations, the two configurations 
have object mirror image relationship and they are not 
superimposable. These non-superimposable mirror image isomers are 
called enantiomers. These enantiomers can be represented either 
by a three dimensional projection or by a two dimensional Fischer 
projection. They carl be suitably designated as R or S following 
the Cahn-Ingold-Prelog system of nomenclature. 

Now let us turn our attention to the properties of these 
configurational isomers. Table 3 gives some of the. physical 
properties of 2-Methyl-l-butanol. 
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Table 3 

properties (R) 

2-Methyl-1-butanol 

(S>-2-Methyl butanol 

specific rotation 

(+) 5.90 

(-) 5-90 

boiling point 

128.9 B C 

128.9°C 

density 

0.8193 ' 

0.8193 

refractive index 

1.4107 

1.4107 


From the above table/ it is clear that the two enantiomers have 
identical physical properties except for the sign of specific 
rotation. Specific rotation is a measure of the way in which the 
molecules interact with plane polarized light. Now let us find 
out what is plane polarized light ? How is it produced ? 


5.5: Light whose vibrations occur in only one plane is called 
Pi ane-polarized light 

Light posesses certain properties that are best understood by 
considering it to be a wave phenomenon in which vibration occurs 
at right angles to the direction in which the light propagates, 
there are an infinite number of planes passing through the line 
of propagation and ordinary light is vibrating in all these 
planes. In plane-polarized light these vibrations occur in only 
one of the planes. Ordinary light is turned into plane-polarized 
light by passing it through a Polaroid lens or through a calcite 
crystal (a particular crystalline form of CaC 03 > so arranged as 
to constitute what is called a Nicol prism. 
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5 . 6 : Optically active substances rotate plane polarized light: 

Why do some substances interact with plane polarized light while 
Others do not ? The electrical forces in a light beam impinging 
on a molecule will interact to some extent with the electrons 
within the molecule. Although the radiant energy may not actually 
promote the electrons in the molecule to a higher energy state, a 
disturbance of the electronic configuration of the molecule can 
occur. This can be visualize:? as a polarization of electrons by 
the electrical component of the radiation. This interaction 
changes the direction of oscillation of the radiation. 

Symmetrical molecules like methane, ethane, acetone etc., do not 
rotate plane polarized light. This is because, for every molecule 
that the light encounters, there is another (identical) molecule 
as mirror image of the first, which ekactly cancels its effect. 
The net result is no rotation and the molecule is said to be 
optically inactive. However, a molecule containing a chiral 
centre is not symmetrical and its mirror image is not just 
another identical molecule. In a pure sample of simple 
enantiomer, no molecule can serve as. a mirror image of another. 
Hence, there is no cancellation of rotation and the compound will 
be optically active. 

How can this rotation of plane polarized light be detected ? Both 
detection and measurement can be done using an instrument called 
polarimett ,.r • Essentially it consists of two nicol prisms (or 
polaroids) , -the polariser (P) and the analyser (A) -arid between 
them a tube ii, i.hich contains the substance (liquid or eolation) 
to be examined. 'S' is a source of monochromatic light. (Fig. 23) 


Li ght 
source 
6 



Fig.23: Schematic representation of a polanmeter 
(prism axes parallel) 


E-ya 
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When the tube is empty, we find that maximum amount of light 
reaches our eye wheu the two prisms are so arranged that they 
pass the light vibrating in the same plane. If we rotate the 
prism near the eye, the light becomes dim and the intensity 
reaches a minimum when the prisms are at right angles to each 
other. (Fig.241 



Fig.24: A schematic representation of a polarimeter 
(prism axes perpendicular) 


The sample (liquid or solution) to be tested is taken in the 
tube (T). If the substance does not rotate the plane 
polarized light, the light transmission will be still at tl 

Y . ■- 

minimum and the substance is said to be optically inactive. If on 
the other hand, the substance rotates the plane polarized light, 
then the prism near the eye must be rotated to bring it to the 
original position of minimum transmission of light. The substance 
is then said to be optically active. If the rotation of the 
analyser has to be performed in the clockwise direction then the 
substance is dextro rotatory (such a rotation can also be 
designated as ( + 1. , If jthe rotation is to the left 

(anticlockwise), the substance is laevo rotatory and designated 
as (-). The extent of rotation is simply the number of degrees by 
which we must rotate the analyser to conform with the orginal 
light intensity. 


Since optical rotation is caused by individual molecules of the 
optically active compound, the extent of rotation depends upon 
the nature and number of molecules encountered by the light. It 
also depends on the wavelength of the light. Measurements are 
therefore done using monochromatic light. Usually .a sodium vapour 
lamp is used as a source. In order to standardize conditions so 
that comparision of optical rotations are meaningful, the 
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observed rotatirn is converted to specific rotation using the 

expression , . '“ 

• , 


where, 


[ oc. Id 11 = or / i . c 


cC 

[ a 1 

i 

c 

L 

t 


observed rotation 

specific rotation 

length of the tube (in.dm) 

density or concentration 

of solution in g/ml 

The D lines of sodium vapour 

light ( wavelength =589.3 nm) 

temperature in “C 


Q10 : Calculate the specific rotation of the following measured 

in a 4.0 dm tube with sodium light at 25 D C. 

al A liquid of density 1.25 gm/ml with an observed 

rotation of +75° 

b) A solution of 5,0 gm per 25 ml with observed 
rotation of -8.0° 


The -specific rotation is as much a characteristic property of « 
confound as . its r,siting point, boiling point or ..density. Th. 
enantiomers will harr the sans magnitude of rotation but the 
direction is opposite. This fact is not surprising, since these 
molecules are mirror images of each other. When a molecule has 
more than one chiral carbon, the number of possible stereoisomers 

is increased. Though we are not discussing about this aspect 

here, the principle that were developed with, respect to one 

chiral centre can be extended to understand about the multi 

chiral centre systems*. 
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A . this "juncture one interesting question arises us to how to 
correlate the configuration and direction of rotation, for 
example, <R) and <S) lactic acids are stereoisomers and they are 
enantiomers. Which of *-hem is dextrorotatory ? Which of them is 
laevorotatory ? Even though such correlations are possible, the 
method of arriving at it is complicated and we shall not discuss 
it in this lesson. Two different compounds may have the same 
co:.i i,gurations but their direction of rotation may or may not be 
the same. For e^nple (R)-Glyceraldehyde is dextro rotatsrv 
wheras.(R)- Glyceric acid is laevorotatory. 


5.7: Synthesis of an optically active compound generally 
yields a racemic mixture 


Acetaldehyde reacts with hydrogen cyanide to form cyanohydrin 


ch 3 -c 




0 


\ 



ch 3 


* 

-CHtCHICN 


The cyanohydrin molecule contains a chiral centre. It should be 
optically active. But the product of the ibove reaction is found 
to be optically inactive. 

Let as try to explain this. The cyanide ion attacks the sp 2 
hybridized (planar) carbonyl carbon producing an sp 3 hybridized 
carbon. This is the chiral centre narked with the * in the above 
equation. The cyanide ten can approach the carbonyl carbon with 
equal ease from the front as well as the back. This would result 
in two enantiomers - d and 1 acetaldehyde cyanohydrin. The 
product is an equimolar mixture of the two enantiomers. Hence it 

is. optically inactive. Such a mixture is called a racemic 
mixture. ' 
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Consider, another example. Propanoic acid reacts with bromine in 
the presence of phosphorus to form 2-broxtiopropanoic acid. 


CH 3 

Br-f’ 

COOH 

[A3 



c «3 

H 1——H -—* 

COOH 


H 


CH 3 

-Br 

COOH 

[Bl 


From the above reaction it is clear that the products [A] and f B1 
would both be optically active. But the two turn plane polarized 
light in opposite directions. They are enantiomers. The chance of- 
formation of each of these isomers is exactly the same. Therefore 
bromination of propanoic acid yields a racemic mixture. 


Generally when optically active compounds are synthesized a 
racemic mixture is obtained. Separation of this mixture to the 
enantiomers is called resolution. There are several methods 
available for the resolution of a racemic mixture. We shall 
mention only one of them because of its historical significance* 


The two enantiomers of sodium ammonium tartarate form., two 
distinct types of crystals. When a saturated solution containing 
the racemic mixture is cooled both enantiomers crystallize out. 
Pasteur was able to Separate them using a hand lens and pair of 
tweezers. 

‘It is also possible to prepare an optically active compound 
without- going through resolution of the racemic mixture. 
Syntheses of this type is called asymmetric synthesis. .--ature 
constantly adopts such methods to prepare optically active 
compounds. 

Now we shall consider another kind of stereoisomerism arising out 
of restricted rotation about a carbbon-carbon double bond'. The 
different stereoisomers obtained in this manner are called 
Geometrical isomers. 
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5.8: Restricted rotation around a carbon-carbon double bond leads 
to Geometrical isomerism 

The double bond, unlike a single bond, cannot act as a rotation 
axis. This is because a rotation of 90°, moves the p orbitals on 
the adjacent carbon atoms to a position where there can be no 
overlap. This rotation requires an energy input sufficient to 
break the bond. The rotation about carbon-carbon double bond 
requires an input of about 250 kJ mol This cannot occur at 
room temperature. Thermal energy available for molecules at room 
temperature is about 60-80 kJ mol -1 . Therefore rotation- about 
double bonds is restricted. 

The sp^ hybridised carbons joined by a ^ bond and a /\ bond 

restrict the four atoms attached to them to a plane. If two 

r * • 

groups attached to each of the carbons are different, then two 
spatial arrangements are possible. They are not mirror images of 
each other and hence are not enantiomers. Such stereoisomers 
which exist due to hindered rotation about a double bond are 
called geometric isomers. For example, 2-butene exhibits 
geometric isomerism. One isomer has both methyl groups on the 
same side of the double bond (Fig. 25a) . This is commonly known as 
cis-2-butene. The other has the methyl groups on opposite sides 
of the double bond and is designated as trans-2-but-ne (Fig.25b). 


H3C. ,CH 3 

r v — n 

/ \ 

H H 

(a) 


H 3 C \ _ / 

/ \ 

H ( b> CH3 


Fig.25': Geometric isomers of 2-Butene 


The restricted rotation about a carbon-carbon double bond may 
influence the chemical reactivity of the compounds. Butenedioic 
acid ( HQOC-CH=CH-COOH ) exists in two forms. The cis-isomer is 
commonly known as maleic acid and the trans-isomer i& fumaric 
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acid. Maleic aqid on heating to 140°C loses water and forms the 
corresponding anhydride (maleic anhydride) (Fig.26a). By 
contrast, no reaction occurs when fumaric acid is heated to 
140°C. Fumaric acid (Fig.26b) is however converted to maleic 
anhydride at 290°C, The higher temperature provides sufficient 
energy to overcome the barrier for rotation about carbon-carbon 
double bond and the cis-configuration required for formation of 
maleic anhydride is obtained. 


H 3 C COOH 

V 


h 3 


c 


COOH 


140 6 C 

A 





H 3 C .COOH 

V 


c 

HOOC CH 3 


aqoc 


h 3 c COOH 

V 


c 

|_ H3C \00BJ 


0 3 \ 8 

C "A. 


/ 


-/ 


H 3 C 


M 


Fig.26: Action of heat on Maleic and Fumaric acid. 


4.8: Scheme of nomenclature for Geometric isomers: 


iis and trans designations. have been need for many years to 
indicate the spatial relationship of. groups around a double bond. 
This sit,pie method of designation is useful only when atleast two 
of the groups , attached to each of the carbons in C-C are the 
same. Examples of such systems are. 


1 - chldropropene (CH 3 -CH=CHC1), 

2 - chloro- 2 -butene (CH 3 cH =c(cI>CH 3 ) ' 
2 -pentene <efl 3 -CH=CH-CH 2 CH 3 >. 
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However, when all the four groups attached to the olefinic carbon 
atoms are different, this method of designation is not feasible* 
To surmount this problem, a new system of designating 
configurations about a double bond has been adopted. The method 
is based on the priority system originally developed by Cahn- 
Ingold-Prelog for use with optically active molecules. Groups on 
each carbon atom of the double bond are assigned priorities 
according to this system. Priority is then compared at one carbon 
atom relative to the other. When the first priority groups are on 
the same side of the double bond the configuration is designated 
as 'Z* (German zussanen, 'together'). If the first priority 
groups are on opposite sides of the double bond, the designation 
is 'E' (German,entegegen, 'opposite'). Consider for example, the 
two isomeric l-bromo-2-nethyl-1-butene (Fig.27) 


H 3 C^ / ch 2 ch 3 

C 




h 2 ch 3 



(a) 


(b) 


Fig.27: Geometrical isomers of 1-Bromo-2-iaethyl-1-butene. 


In 27(a), bromine is of higher priority than the 

• l 

hydrogen on the carbon atom 1 and the ethyl group is of higher 
priority than the methyl on the carbon atom 2. In this molecule, 
the highest priority groups are on the same side of the double 
bond and the isomer is designated as T Z'. The compound is 
)-l—bromo _ 2-rnethy 1-1-butene. By a similar consideration we can 
conclude that 27(b) represents (E)-l-bromo-2-methyl-l—butene • 
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<211.: Draw structural formulae and assign *E' or 'Z' 

designations to the geometric isomers of each of the following 
compounds 


a) 3-hexene 
c) 1-Iodo-l-butene 


b) 2-pentene 

d) l-bromo-2-chloropropene 


The E or Z designation does not necessarily correspond to the cis 
or trans us*ge. consider the E and Z designation for the 
compounds cis-2-butene and cis-2-chloro-2-butene (Fig.28) 

H3C \ / 

C 

Fig.28 

A 

h 3 c h 

(a) 

In the molecule 28(a), not only are the higher priority groups 
on the same side of the double bond but also the same groups are 
on the same side. Hence it represents both cis-2-butene and (Z)- 
2-butene. Although the molecule in Fig. 28b has cis configuration 
it is designated as (E)-2 -chloro-2-butene because the higher 
priority groups -CH 3 and -Cl are on the opposite sides of the 
double, bond. 

- . i i 

Summary 

Rotation about carbon-carbon single bonds in open chain compounds 
(acyclic compounds) experiences a very low energy barrier. The 
different >spatial .arrangements obtained by the rotation about 
carbon-carbon single bond are called conformers. Although some 
conformers are more stable than others, all conformers are so 




h 3 c h 
\/ 
c 


c 

h 3 c Cl 
(b) 
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readily interconvertible* that an equilibrium mixture is formed. 
The mixture ofcourse will be richer with respect to the more 
stable form. The staggered conformations are more stable than the 
eclipsed conformations. 

Rotation about single bonds in cyclic compounds is restricted by 
structural constraints . The stabilities of various conformers 
depend upon various kinds of strains. The six membered ring 
systems are more common and more stable. The ring structure of 
cyclohexane is nonplanar in order to accomodate the tetrahedral 
bond angle of 109°28’. The rings of cyclopentane and cy.clobutane 
are almo-st planar but are somewhat twisted out of plane to 
relieve the eclipsing of their hydrogen atoms. 

Chiral compounds provide a type of configurational isomerism. The 
chiral molecules exhibit optical activity. A compound containing 

* A 

one chiral centre is not superimposable on its mirror image and 
the non-susperimposable mirror images are called, enanticrners. 
These configurational isomers can be depicted both by three 
dimensional and two dimensional Fischer projections. The Cahn- 
Ingold-Prelog system is used to designate enantiomers. 

Geometric isomers are another type of stereoisomers which arise 
out of restricted rotation around a carbon-carbon double bond. 
These isomers can; also be designated on the basis of the Cahn- 
Ingold-Prelog system. 


Exercises 

1. Draw Newman projections for 

a) A skew conformation of 1,2-Dichloroethane 

b) A staggered conformation of succinic acid 
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2i‘ Draw Newinan projection formulae for the three staggered and 
three eclipsed conformations of propane, Relate each structure to 
a point on an energy versus dihedral angle diagram. 

3. Dr«a,w the most stable Saw-horse projection formulas for each of 
the following Fischer projections. 



CH 3 CHoOH' CHoOH 


* 

4. Two skew conformations of 1,2-Dichloroethane are non-super 
imposable mirror image forms, but they are not optically active. 
Explain. 

5. Arrange the following groups in the decreasing order of 

priority for the purpose of assigning R/S designation. i 


a) Phenyl- •• b)-C=N 

t‘ 

y j- 

e) -CH=CH 2 f)-CH 2 Br 




6. Assign (R)/(S) configuration to each of the following. 




7- Convert the following three dimensional structural formulae 
into fischer projections. 



CHO 


b) 


HOOC 


■<N 


CH3OH 


■■ CSW 


d -4 




h 3 c^ 

CHjCHj 


8. Draw Fischer projection formula*for each of the following 
compounds 


a) (R)-2-Hydroxypropanoic acid 

b) (R)-2,3-Dibromopropanol 
cl (S>-2-Methyl-2-butanol 
d) (S)-Glyceraldehyde 

* % 

9. Draw the two chair conformational formulae for each of the 

following compounds. Indicate which conformer, if either, is more 
stable and then arrange the six compounds in order of decreasing 
stability. 

a) cis 1,2-Dimethylcyclohexane 

b) trans 1,2-Dimethylcyqlohexane 

c) cis 1,3-Dimethylcyclohexane 

d) trans 1,3-Dimethylcyclohexane 

e) cis 1 r 4-Dimethylcyclohexane 

f) trans 1,4-Dimethylcyclohexane 


10. Name each of the following compounds nd include the Z or E 
stereochemical designation. 


a) 



7 ch 3 

H5C6 

b) y 

^ch 2 ch 2 oh 

\ 

\ 

ch 2 oe 

h 3 ch 2 c 

ch 2 oh 
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11. Which of the following compounds can exhibit geometrical 
isomerism ? Draw structural formulae and designate their 
configurations as E or Z for the isomers, 

a) CH 3 CH 2 ~C = C-CH 3 b) H 2 C=C-CH 2 CH 3 c) CH 3 CH=CHCH 3 
H 3 C ch 2 ch 3 F 

12. How do you account for the fact that 

Dibromocyclohexane exists to the extent of 50% 
conformation in nonpolar solvent. 

13. Provide structural formulae for 

a) (E)-2-Pentene 

b) (Z)-2-Bromo-2-butene 

c) < Z ) -4-Chloro-2-pentene 


trans 1,2 
in a,a- 
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CHAPTER 6 


STRUCTURE AND REACTIVITIES OF ORGANIC MOLECOLES 


Introduction: 


in the earlier lesson, we considered, the structural 
characteristics of organic substances. We saw that spatial 
relations and physical properties are . a consequence of the 
framework of atoms and bonds of which molecules are composed. Our 
goal in this and the subsequent lessons is to build up general 
principles about the relation between structure and reactivity. 
We know that the reactions of organic compounds are largely 
determined by their functional groups. All carboxylic acids are 
neutralised by bases; essentially all esters can be saponified 
and most of the alkyl halides can lie converted into ale hols. 
However, even when two compounds with the same functional groups 
undergo the same reactions, the rate and / or position of 
equilibrium are usually different. They depend upon the nature 
and arrangement of atoms attached to the functional group. For 
instance acetic acid is a stronger acid than propionic acid a^d 
t-butyl chloride is more rapidly converted to alcohol than 
chloroethane in water. 


In attempting to correlate structure and reactivity of organic 
compounds, we shall divide the structural effects into three types 
Inductive, Resonance and Steric effects. To start with, let us 
see how these effects influence the acidity and basicity of 
organic molecules. We shall extend tfctse principles to other 
reaction types as well in the subsequent lessons. 

6.1: Inductive Effect—The charge separation in one bond inducing 
a separation in adjacent bonds: 

Ionization of carboxylic acids has been more extensively studied 
than any other organic reactions. The strength of su-.-h acids are 
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related to the ease with which a proton is removed from the -COGH 
group* The ionization constant K a of the acid is a measure of 
this strength. Let u '3 see how changes in structure of the groups 
bearing -COOH affect the strengths. Table 1 provides K a values of 
some aliphatic acids. 

It is evident from the data in Table 1 .that acetic acid is about 
10 times weaker than formic acid. The only structural difference 
between the two acids is that the -COOH- group' is attached to 
hydrogen in formic acid, but to a methyl group in acetic acid, 
-low does this simple structural change render the removal of a 
proton more difficult in acetic acid ? This change, somehow, must 
have pushed the electron cloud in the O-H bond of the carboxyl 
group in acetic acid, closer to the hydrogen than in the case of 
formic acid. The -CK 3 group must have a role in such a shift in 
the electron cloud. That is to say, the -CH 3 group tends to push 

the electron cloud away from itself and towards the hydrogen of 

« % 

the O-H bond. The CH 3 group ii therefore electron repelling. But 
the -CH 3 group is not directly linked to the O-H bond. How then 
can it bring about this effect ? 


TABLE 1 Ionization Constants of Carboxylic Acids in Aqueous 
Solutions at 25°C 


Acids 

K a x 1 C’’ 

Acids 

K a X 10 3 

HCOOH 

17,50 

CH 3 CH 2 CHCICOOH 

139.00 

CH 3 COOH 

1.80 

CH 3 CHCICH 2 COOH 

89.00 

C’CH?COOH 

136.00 

CICH 2 CH 2 CH 2 COOH 

2.96 

CI 2 CBCOOH 

■ ,330.00 

FCH 2 COOH 

260.00 

CI 3 CCOOB 

23200.00 

BrCH 2 COOH 

125.00 

CH 3 (ch 2 ) 2 COOH 

1.50 

ICH 2 COOH 

67,00 



-o 2 cch 2 cooh 

0.20 



-0 2 C(CH2> 2 ccoh 

0.23 
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This effect of repelling electrons roust have been transmitted 
through the intervening bonds. The first such bond to be affected 
is the C—C bond between the methyl carbon and the carbonyl 
carbon. This bond becomes polarized as represented below (Fig.l). ■ 


i* i- 



0 


Fig.l: Polarization of the H 3 C-C bond in Acetic acid. 

The carbonyl carbon in turn pushes the electron cloud towards the 
oxygen of the O-H group attached to ; it. The oxygen then pushes 
the electron cloud towards the hydrogen. This increased electron 
density near hydrogen makes the release of a proton (H + lmore 
difficult than in the case of formic acid where such electron 
shifts do not occur. One can generalize and say that an electron 
repelling group though indirectly linked to a carboxyl group 
reduces the strength of the carboxylic acid. 

Q.l. Which is expected to be more acidic, CH 3 OH or H 2 O ? Explain. 

Wha':. would happen if an electron attracting group is present 
somewhere along the chain? We would e&pect that, the electron 
density near the hydrogen of the 0 -H bond would be reduced and a 
proton would be more easily released. The acid would then become 
stronger. Compare the ionization constants of CICH 2 COOH and 
CH 3 COOH, (Table 1). Chloroacetic acid is much stronger than 
acetic acid . The C-Cl bond in chloroacetic acid is more polar 
than the H-C bond in acetic acid, the electron cloud being closer 
to cl, that is, farther from carbon. Chlorine therefore is 
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electron attracting. It exerts its pull for electron all along 
the chain upto the 0-H bond of the carboxyl group,The electron 
cloud in the 0-H bond should therefore lie closer to oxygen than 
the 0-H bond in acetic acid. The proton can therefore be more 
easily released. The polarization in one bond is thus able to 
exert its influence all along the chain and affect the 
polarizations in the other bonds. This is how the inductive effect 
operates. 


Q.2. Explain why the order of acid strengths of the halo acids 
is as follows. 

L 

FCH 2 COOH > CICH 2 COOH > BrCH2C00H > ICH 2 COOH. 


By convention, groups which are more powerful electron attractors 
than hydrogen are said to exhibit a negative inductive effect (-1 
effect). The groups which are poorer electron attractors than 
hydrogen are said to display a positive inductive effect (+1 
effect). Table 2 summarizes the inductive effect of some groups.' 

Table 2 Inductive Effect of Groups 


-I groups 

■ +1 groups 

-F 

- 0 " 

-Cl 

-ch 3 

-Br 

-(CH 3 > 2 CH- 

-I 

(CH 3 ) 3 C- 

-OH 

-C02~ 

' -COOH 


-COOR 


-C=N 


-NO 2 


1 

>1 

u- 

1 



* + 4 

Q.3. Arrange the substituents -SMe 2 » -SeMe2» -CH4e2 in order of 
increasing magnitude of their -I effects. 


2 -chlorobutanoic acid is about as strong as chloroacetic acid 
(Table 1), As the chloro group is moved away from the -COOH group 
however its effect rapidly dwindles. 3-chlorobutanoic acid is 
only six times as strong as butanoic acid and 4-ehlorobutanoic 
acid is only twice as strong as butanoic acid. It is typical of 
inductive effect that it decreases with distance and is less 
important when acting through more than four carbon atoms, 


Q. 4. Compare the first ionization constant of oxalic acid (K a = 
5400 x 10 ~ 5 ) with that of formic acid (K a = 17.7 x 10 - ^). How do 
you account for this change ? 

Q, 5. Which of the following represents a stronger acid ? > 
OOC .CH 2 CH 2 .COOH and OOC.CH-j• COOH. Explain. 


It is very interesting to note that acrylic acid (CH 2 =CH-COOH) is 

a stronger acid than propanoic acid (CH 3 CH 2 COOH). It appears then 

that an unsaturated carbon is a better electron attractor than a 

2 

saturated carbon atom. In other words an sp hybridized carbon 

3 

is more electron attracting than ah sp hybridized carbon. We 

2 

■■enow that an sp hybridized orbital is more spherical (since it 
involves one s orbital and only two p orbitals) and hence the 

i 

bulk of its charge density is closer to the nucleus than the less 

spherical sp^ hybrid orbital. This means that a carbon' 

2 

participating in sp bonding can exert a greater pull over the 

.3 

electron than does a carbon participating in sp bonding. By an 
extension of this argument, a carbon bearing a triple bond should 
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be an even stronger electron attractor. 

Thus acidities of carboxylic acids, which can be measured 
precisely, provide an excellent way of examining the iniuctive 
effect. The inductive effect however is not the sole cause for 
the acidity differences in carboxylic acids, 

6.2i Resonance Effect: The electrical effect transmitted through 
electrons of a conjugated system is much different from the 
inductive effect. 

Considering only the inductive effect, we may anticipate 
p-hydroxybenzoic acid to be a stronger acid than . benzoic acid. 
But the reverse is true. p-NitrophenoI is a stronger acid than 
m-nitropheno1 even though the electron attracting nitro group in 
p-nitrophenol is farther from the hydroxyl group than in 
m-nitrophenol, Similarly the inductive effect is not in a 
position to explain, the large differences in the strengths of 
aniline and benzylamine as bases. 

A common feature in the above compounds is that all of them are 
examples of conjugated systems. The transmission of electrical 
effects along a chain of bonds in aliphatic compounds 

(inductive effe<. :> is very much different from the transmission 
of effects involving bonds that comprise a conjugated system. 
Any disturbance in a conjugated system is transmitted through the, 
stream of 7\ electrons. Before considering the transmission of 
this effect between substituents and reaction centres through a 
conjugated system, let us consider the reactivities of some 
groups attached to a conjugated system. 

Chlorobenzene undergoes nucleophilic substitution with extreme 
difficulty compared to chloroethane. This can be explained by 
considering the structure of chlorobenzene. 
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Fig.2: Structure of Chlorobenzene end delocalization of 
p-electrons. 

We know that there is a cloud of p electrons above and below the 
benzene nucleus. One of the p orbitals of the chlorine atom 
containing a pair of electrons can participate in this 
delocalization of electrons (Fig.2). This provides an 
additional link between the chlorine atom and the benzene ring. 
The C -Cl bond length in chlorobenzene would be shorter than the 
single bond between C and Cl in chloroethane. It is 1.69A 
compared to 1.77 to 1.80A in a numb'er of haloalkanes. By this 
additional sharing of its electrons with the benzene nucleus, 
chlorine in chlorobenzene has reduced the negative charge around 
itself. 

The above changes in C-Cl bond strengths can also be explained in 
terms of resonance. (Fig. 3). 



Fig.3: Resonance structures o! Chlorobenzene indicating the 
conjugation effect. 


From the above description of how a group like halogen can spill 
its electrons into a conjugated system and become a part of such 
a system, it is clear that it is also an electrical effect. But 
the mode of transmission of this effect is different from the 
mode by which the effect is transmitted through a system of 
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single bonds. The latter is an inductive effect. The former is 
called Resonance Effect. Since this effect is possible only when 
a 7Y electron stream is available, it is also called the 
Conjugation Effect. 

Contribution from 3a, 3b and 3c stabilises the C-Cl bond and 
gives a partial double bond character to the carbon-chlorine 
bond. Thus the carbon and chlorine are held together by stronger 
forces than in simple alkyl halides. 


Q. 6 . Which o£ the following molecul us are conjugated ? 1 

1I 2 C = C' = CH z I1C5C-C-Cif .; CJ1 2 -• CH- OH ,X ) 


Aniline is a much weaker base than aliphatic amines. The amines 
behave as. bases because of the lone pair of electrons on the 
nitrogen atom. The lone pair of electrons responsible for the 
basic strength of aniline becomes a part of the a electron system 
that also includes the electrons associated with the aromatic 
carbon atoms. The electron density, which , in aliphatic amines, 
is localized on the nitrogen atom thus becomes partially drained 
off into the benzene ring as shown below. (Fig. 4 ) . 



Fig.4: Resonance structures of Aniline, 


The electron density due to the lone pair does not reside 
entirely on the nitrogen, but it is spread over the ring. This 
decrease in electron density at one position is due to resonance. 
We say that the -NH 2 group donates electrons to the ring carbons 
by resonance effect. As a result, the nitrogen atom assumes a 
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partial positive charge and its ability to accept a proton is 
greatly diminished compared to aliphatic primary amines. 


Q.7. Draw the resonance contributing structures for phenol and 
phenoxide ion. 


Phenols are more acidic than alcohols. The direction of the 
effect is not surprising, because the phenyl group is known to be 
a slightly stronger electron attractor than alkyl groups. How can 
we explain the large differences in the acid strength between 
phenol and alcohols? Let us consider the following equilibria. 



CH 3 OH + H 2 0 — CH 3 O - + H 3 0 + 


The conjugate bases of phenol and methanol are the phenoxide and 
the methoxide ion respectively. If the conjugate base is rendered 
stable, the ionization of the acid is favoured. The ionization is 
higher in the case of phenol than in methanol because the 
phenoxide ion is more stable than the methoxide ion in aqueous 
solutions. How do the structures of the ions explain this ? The 
negative charge on the phenoxide ion is distributed over the 
benzene ring as in fig. 5 



Fig.5: Resonance structures of Phenoxide ion indicating the 
distribution of negative charges. 
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The negative charge on an alkc-ide ion on the other hand is 
localized at the oxygen atom. The phenoXide ion is thus 
stabilized because of resonance, This is not possible in the case 
of alkoxide ion. We should therefore expect phenols to be more 
acidic than alcohols. 

It thus appears that the -NH 2 and -Cl substituents, although 
capable of withdrawing electron density from a saturated chain by 
inductive effect, are capable of supplying electron density to 
conjugated systems. The same is true for -OH, -0CH3, -F, -Br and 
-I. On the other hand in the case of groups like -NOo, -CN, 
’-COOH and -COR, the atoms attached to the, conjugated - system 
(benzene nucleus) do not have a lone.pair of electrons. They can < 
therefore withdraw electrons from the conjugated system. This 
resonance effect is in addition to their -I effect. The effect 
therefore is enhanced as compared to cc. '.pounds in which these 
groups are attached to a system of saturated carbons. 

1 • ■» 


Q.8 Draw resonance structures for nitrobenzene and benzaldehyde. 


In. analogy with the classification of inductive effect of groups, 
in the case of resonance effect also we can classify groups into 
+R type (supplying electron density to the conjugated system) 
and -R type, (withdrawing electron density from conjugated 
systems), Resonance effects of some groups are summarized in the 
liable 3, 




Table 3. 


Resonance Effects 


of Some Groups 


i , -I 

-R , -I 


-F 

-no 2 

—0~ 

-Cl 

-C2N 

-s" 

-Br 

-COOH 

-ch 3 

-I 

-COOR 

-cr 3 

-OH 

-conh 2 


-OCR 

-conh 2 


-NH 2 

-COR 


-NHR 



-nr 2 




Unlike the inductive effect the resonance effect does not vary in 
strength with distance, since it is transmitted through a stream 
of electrons. 

So far, we have seen how the electron density of a substituent 
attached to a Conjugated system is distributed over the entire 
system. Now let us study how the effect of a substituent attached 
to a conjugated system, affects the reactivity at the reaction 
centre. The pK a of m-nitrophenol is 8.3 and that of the 
p-isomer is 7.2 <pK a =-log K a , i.e.,higher the value of pK a lower 
will be its ionisation constant). Consider the following 
equilibria .(Fig.6) ' ‘ * 
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Fig.6: Proton transfer equilibria in p-Nifcro and ra-Nitrophenol 

Since p-nitrophenol is a stronger acid than the m-isomer the 
p-nitrophenoxide ion should be more stable than the 
ra-nitrophenoxide ion . That is the negative charge at the oxygen of 

p-nitrophenoxide ion gets distributed more effectively than in tl 

» ■ 

conesponding m-isomer. Let us write the contributing structures 
for both the anions.(fig . 7) 



Fig.7: Resonance structures of p-Nitro and m-Nitrophenoxide ions 


Comparing the above two sets of contributing structures we find 
that in the case of p-nitrophenoxide ion the -ve charge at the 
oxygen is spread not only on the aromatic nucleus but also on 
the nitro group. As evident from the contributing structures a 
direct conjug.ative interaction between the nitro group and the 
reaction centre is possible only if the nitro group is either at 
the ortho or para positions. However, the nitro group in the im¬ 
position can distribute the charge at the oxygen, (weakly) by 
inductive effect only. 
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Q• 9 * p-Nitroaniline. is a weaker base than ro-nitroaniline. 
Explain. 


We can now appreciate why p-hydroxybenzoic acid is a weaker acid 
than benzoic acid. In p-hydroxybenzoic acid the -COOrl group 
feels the +F effect cl' the -OH group more strongly than its -I 
effect. 


Q.10. Arrange the following acids in the increasing order of the 
acid strengths, a) p-Methoxybenzoic acid b)m-methoxybenzoic acid 
c) p-nitrobenzoic acid and d) benzoic acid. Give explanation on 
the basis of inductive and resonance effects. 


Thus the resonance effect involves delocalization of electrons. 
It depends up on the overlap of certain orbitals and therefore 
can operate only when the substituent is located in certain 
special ways relative to the charge centre. The resonance effect 
of substituents appears to influence all types of reactions in 
which the reaction centre is attached to a conjugated system. We 
shall revisit this effect again in the subsequent lessons. 

6.3: Steric Interference by groups to approach of a reagent to 

the reaction centre - Steric Effects: 

We have previously seen how nonbonded repulsions between the 
groups in a u.olecule decide the shape and geometry of the 
molecule. Now let us Understand how the relative sizes of the 
groups in a molecule affect the reactivity of organic molecules. 
Long before the nature of the inductive an.; resonance effects 
was understood, it was recognized that a substituent could 
influence a chemical reaction principally with its ability to 



occupy space. Such effects are called steric hindrances or steric 
effects. Let us consider some examples to illustrate this effect. 


Consider the nitration of a series of alkyl benzenes that have 
progressively larger alkyl substituents. Fig. 8 . 



Fig.8; Structures of Alkylbenzenes. 


The proportion of an o-nitro product drops from 57% in toluene to 
12 % in t-butyl benzene, while the proportion of the para product 
increases from 40% in toluene to 80% in t-butylbenzene. The 
positive inductive effect of the alkyl group should increase the 
proportion of ortho product progressively when we neve from 
toluene to t-butylbenzene. Let us examine the transition state 
for the nitration of toluene and t-butylbenzene (Fig 9). 



Fig.9: Transition states during nitration of 
Toluene and t-Butylbenzene. 

It is obvious that the bulky - 0 ( 013)3 group in t-butylbenzene 
crowds around the ortho position and hinders the approach of the 
NO 2 to the ortho position. The transition state (Fig.9) is less • 
stable in this case than in the case of toluene where the -CH 3 
group is smaller in size than the -CtCHj^ group. It is because 
of this decrease in the stability of the transition state that 
less of o-nitro product is formed in the case of t-butylbenzene 
as compared to toluene, This effect will not be pronounced if the 
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N0 2 seeks a position far removed from the alkyl substituent. The 
proportion of the para product is therefore higher in the case 
of t-butylbenzene as compared to toluene. The steric effect 
therefore is more for the ortho substitution. Further, the effect 
increases as the bulk of the alkyl group is increased. 

The steric effect may also play an important role in affecting 
the position of acid-base equilibria. For example, benzoic acid 
is a stronger acid <pK a = 5.05) than 2,6-ditertiarybtttylbenzoic 
acid in water-alcohol mixture, in order to understand this 
difference in acid strengths let us consider the following, 
equilibria. (Fig.10). 


0 0 



Fig.10; Proton transfer equilibria of Benzoic acid 
and 2,6-Ditertiarybutylbenzoic acid. 

We know that the stabler the conjugate base the higher will be 
the equilibrium constant for the forward reaction and higher will 
be the acid strength. In 2 . r .- di tertiarybutylbenzoate ion the 
bulky t-butyl groups at the ortho positions with respect to the 
-CO O . st-eri n aj ly hinders the solvation of the ion and hence 
Teduce its stability. Thus steric hindrance to solvation tan 
inhibit solvent stabilization of the conjugate base and thereby 
lower the acid strength. 
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consequently the compound is more basic than N,N-dimethylaniline. 


SUMMARY 

Structural variations can have marked effects on reactivities of 
molecules. The changes in reactivity are attributed to inductive 
effect, resonance effect and steric effect. 

Reactivity is affected by the changes in the polarity of a bond 
at the reaction centre. Such changes in polarity can be induced 
by a bond elsewhere in the system. The interaction occurs through 
the chain of bonds. This is the inductive effect. The effect 
depends upon distance, that is, the length of the carbon 
chain through which it has to be transmitted. 

I 

1 

If the system is conjugated, it is possible to transmit an 
electrical effect through the stream of electrons which 
surrounds the molecule embracing all the atoms including the ones 
at the reaction centre. This is the resonance effect. As it is 
essentially related to the delocalization of electrons, distance 
does not diminish this effect. 


Crowding by bulky groups in the vicinity of the reaction centre 
affects reactivity by firstly hindering the approach of a 
substituent and secondly reducing the stability of the 
transition state. This is the steric effect. 


In a given s ituation either of these effects may be operating.. In 
some cases more than one of these effects may simultaneously 
influences reactivity. It is possible in such situations that one 
effect may reinforce the other or the effects may act in 
opposition to one another. Any explanation of the experimentally 
found reactivities has to take into account all such possible 
effects .But it may not always be easy to predict the 
contributions of these effects in quantitative terms. 
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This lesson has introduced the major structural effects that 
influences reactivities. The organic chemist uses, these as 
important tools to interpret reactivities . More examples of 
these will be covered in the subsequent lessons. 

EXERCISES 


1 ’ Predict which substituent, in each of the following pairs has 
more electron attracting inductive effect. 


a; 

CH3CH2-O 

or 

(,CH 3 ) 3 CO 

b) 

-coo“ 

nr 

-COOH 

c) 

-N(CH 3 ) 2 

or 

-P(CH 3 ) 2 

d) 

CH 2 =CH-CH 2 “ 

or 

CH 3 -CH=' 


2 . Which acid in each of the following pairs is the stronger 7 
Justify your answer in cne sentence. 

-i- 

a) R3N-CH2-CH2-COCH or HO-CH 2 CH 2 -COOH 


b) H-C 3 C-C 00 H 

c) CH3-O-CH2-CH2-COOH 

d) CH 3 -C-CK-j-COOH 

^ ll *+ 




or H2C=CH-C00-'i 
or CH3-S-CH2-CH2-COOH 
or CH3-CH-CH2-COOH 
OH 


3 . Arrange the following bases in the increasing order of their 
oasie strengths 


C5H5-O , C 6 H 5 -CH2-0~, (CH 3 5 ?1 C 0 ‘, CH 3 - 0 ~, OH~ and NH 2 " 

4 . Which of the following groups show electron releasing 
resonance effect. 


COOR, R C-, -OH, -C 5 N, -Cl, -NH 2 , - 0 ~, -NH3 and -N(CH 3 >,; 
0 ' 
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5 , flrtang:-' the following compounds in the order of increasing 
base strengths. 

p-CH3-C 6 H4-SH 2 , C5H5-NH2, p-HO-C 6 H 4 -KH2, CH3NH2• 

6 . Explain the observation that the order of acid strengths of 
carboxylic acids, amides and ketones is 


R 


-C-OE 

II 


O 


R-C-NH 2 > 




R-C-CH3 

II J 

0 


7 , Arrange the following compounds in rder of decreasing acid 


strength and explain. 

CH3COOE, CH3SO2CH2COOH, C5H5OH, p-CH3-C 6 E4-OH, CH3NQ2 r 
nC4Hic and (C^loCR ! 


8. Alcohol can react with PCI5 giving alkyl halides. This 
involves the breakage of carbon-oxygen bond. Arrange the 
following alcohols in the increasing order of reactivity towards 
PCI 5. 


Cl-CHo-CHn-O-H, CH3-CH-O-R, (Cf^^C-O-E and Er-CH2~CH 2 -0-H 

ch 3 

9 . In the alkaline hydrolysis of acid derivatives, the OR first 
forms a covalent bond with carbonyl carbon and the rate of this 
process controls the rate of the reaction. 

O o" 

HO" + CH 3 — c —Y -» t Cfl 3 —p—Y 1 

OH 
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Arrange the following acid derivatives in order of increasing 
reactivity towards hydroxide ion. 

d-ch 3 

10 , Tertiary butyl alcohol is found to be a stronger acid than 
methanol in gas phase. This result is opposite to that observed 
in an aqueous medium. Account for these different results. 


,1 


CH 3 -C-CI, Cl-CH 2 -C-Cl, CHi-C-Br, 


-t 


fl 


CH 3 -C-NH 2 and CH 3 -C- 


.11• Provide an explanation for the following order of relative 
acid strengths of the following phenols. 



12. Provide a reasonable explanation for the trend in the 
strengths of the following bases. 
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